Introduction to the SAT II Chemistry Test 


The best way to do well on the SAT II Chemistry test is to be really 
good at chemistry. For that, there is no substitute. But the chemistry 
geek who spends the night before taking the SAT II cramming all of 
the nuances of crystal-field theory and coordination compounds 
probably won’t fare any better on the test than the average student 
who reviews this book carefully. Why? Because the SAT II Chemistry 
test doesn’t cover crystal-field theory and coordination compounds. 
Happy? Good. This chapter will tell you precisely what the SAT II 
Chemistry test will test you on, how the test breaks down, and what 
format the questions will take. Take this information to heart and base 
your study plan around it. There’s no use spending hours on end 
studying topics you won’t be tested on. 


Content of the SAT II Chemistry Test 


The SAT II Chemistry test is written to test your understanding of the 
topics of chemistry that are typically taught in a one-year college- 
preparatory-level high school chemistry course. 

Well, math and chemistry go hand in hand, right? You might be 
surprised, then, to learn that you aren’t allowed to use a calculator on 
the SAT II Chemistry test. The math you’ll need to do on the test never 
goes beyond simple arithmetic and manipulation of equations, which 
is good news for you—you won't be a victim of careless errors made 
on your calculator. 

That said, you should be able to solve problems using ratios, direct 
and inverse proportions, scientific notation, and some simpler 
exponential functions. Since the test is an hour long, this means you 
have an average of 42 seconds to answer each of the 85 questions— 
the people at ETS realize that isn’t enough time to delve into problems 
involving simultaneous equations or complex algebra. They’re more 
interested in testing your grasp of the basic concepts of chemistry. If 
you’ve grasped these concepts, your weakness in math problem 
solving isn’t going to hurt you. You will, however, be provided with a 
simple periodic table. This periodic table will probably look more bare- 
boned than the one you’re used to using: it will have only the symbols 
of the elements along with their atomic numbers and masses. 

Now let’s get into the nuts and bolts of what you’ll see on the exam. ETS 
provides the following breakdown of the test, covering eight basic 
categories, and as you can see, we’ve arranged the content review in this 
book according to ETS’s outline: 


Their Topic Our Section | Approximat |Approximate 
e % of the no. of 


test devoted| questions 
to these |you’ll see on 
topics. these topics. 


Structure of Matter Structure of 
Includes atomic theory Matter 
and structure, chemical 
bonding, and molecular 

structure; nuclear 
reactions 


States of Matter States of 
Includes kinetic Matter 

molecular theory of 

gases, gas laws, liquids, 

solids, and phase 

changes; solutions, 

concentration units, 

solubility, conductivity, 
and colligative properties 


Reaction Types Includes Reaction 


acids and bases, Types 
oxidation-reduction, and 
precipitation 


Stoichiometry Includes | Stoichiometry 
the mole concept, 
Avogadro’s number, 
empirical and molecular 
formulas, percentage 
composition, 
stoichiometric 
calculations, and limiting 
reagents 


Equilibrium and Equilibrium 
Reaction Rates and Reaction 
Including gas equilibria, 
ionic equilibria, Le 
Chatelier’s principle, 
equilibrium expressions; 


factors affecting rate of 
reaction 


Thermodynamics Thermodynami 
Includes energy changes cs 
in chemical reactions and 
physical processes, 
Hess’s law, and 
randomness 


Descriptive Chemistry | Descriptive 
Includes physical and Chemistry 
chemical properties of 

elements and their more 

familiar compounds, 


chemical reactivity and 


products of chemical 
reactions, simple 
examples from organic 
chemistry and 
environmental chemistry 


Laboratory Includes Laboratory 
equipment, measurement, 
procedures, observations, 
safety, calculations, and 
interpretation of results 


The fact that this book is organized according to these basic 
categories will give you the ability to focus on each topic to whatever 
degree you feel necessary: if you know you’re weak on gas law 
questions, take extra time going through “The States of Matter” 
section, for example. Also, each question in the practice tests at the 
back of this book has been categorized according to these eight 
categories so you can precisely identify your weaknesses and then 
concentrate on the areas you need to study most. 


Format of the SAT IT Chemistry Test 


The 85 multiple-choice-type questions that make up the SAT II Chemistry 
exam fall into three types, and according to the College Board Web site, 
these types test three types of skill. 


Skill Being Tested Approximate % |Approximate no. 


of test that this| of questions of 
question type this type that 
makes up you'll see 


Recall of knowledge: 
remembering fundamental 
concepts and specific 
information; demonstrating 


familiarity with terminology 


Application of knowledge: 
Applying a single principle to 
unfamiliar and/or practical 
situations to obtain a qualitative 
result or solve a quantitative 
problem 


Synthesis of knowledge: 
Inferring and deducing from 
qualitative and/or quantitative 
data; integrating two or more 
relationships to draw 
conclusions or solve problems 


As you can see, the SAT II test tests your knowledge of chemistry in 
three different ways. This test also contains three different types of 
questions: classification questions, relationship-analysis questions, 
and five-choice completion questions. Next we’ll talk about exactly 
what these three types of questions look like. 


Classification Questions 


Classification questions are basically reverse-multiple-choice 
questions. They consist of five answer choices followed by a string of 
three to five questions. To make things more confusing, the answer 
choices may be used once, more than once, or not at all—so although 
a Classification question often looks like simple matching, it isn’t! 

The level of difficulty in any one set of classification questions is 
generally pretty random: you can’t expect the first question in a set to 
be easier than the last. However, in the test as a whole, each set of 
classification questions is generally a bit harder than the one that 
came before. 


Familiarize yourself with the following set of directions—if you read and 
understand them now, you won’t waste precious time on test day. 


Directions: Each set of lettered choices below refers to the numbered 
questions or statements immediately following it. Select the one 
lettered choice that best answers each question or best fits each 
statement and then fill in the corresponding oval on the answer 
sheet. A choice may be used once, more than once, or not at all in 
each set. 


Questions 1-3 


(A) Zinc 
(B) Iron 
(C) Helium 
(D) Copper 


(E) Fluorine 
1.A highly electronegative element 
2. Forms colored solutions when dissolved in water 


3. Normally exists as a diatomic molecule but can react to form a 2° 
ion 


You can usually answer classification questions a bit more quickly 
than the standard five-choice completion questions since you need to 
review only one set of answer choices to answer a series of questions. 
The answer to number 1 is E. Electronegativity is a measure of the 
ability of an atom in a chemical bond to attract electrons to itself; in 
chapter 4 you'll learn how to use your periodic table to answer 
questions like this one. The answer to number 2 is D, copper. Copper 
often forms green/blue solutions. The answer to number 3 is A, zinc. 
Also in chapter 4, you'll learn to predict what ions certain elements 
will form and in what state they are normally found in nature. Don’t 
worry if you don’t know the answers to these questions right now. This 
example is meant mainly to show you how a classification question is 
formatted. 


Relationship-Analysis Questions 


Relationship-analysis questions consist of a specific statement, 
statement I, followed by another statement, statement II. To answer 
these questions, you must determine first whether statement I is true 
or false and then whether statement II is true or false. Next you must 
decide whether the second statement is the reason for the first 
statement being true. These questions may appear intimidating to you 
since they’re probably unfamiliar, but after taking the practice exams 
in this book, you should feel as comfortable with them as you do with 
the other question types. 

One more thing about this question type: strangely enough, on the SAT II 
Chemistry test, the section containing relationship-analysis questions is 
always numbered starting with 101. There will be one section of these on 
each of the tests, and they also get their own special section on your answer 
sheet—also beginning with number 101. There are usually about 16 or 17 
questions of this type on the SAT II Chemistry exam. Again, take the time to 
familiarize yourself with these directions so you won’t have to even look at 
them on test day. 


Directions: Each question below consists of two statements, 
statement I in the left-hand column and statement II in the right-hand 
column. For each question, determine whether statement I is true or 
false and whether statement II is true or false and fill in the 
corresponding T or F ovals on your answer sheet. Fill in oval CE only 


if statement II is a correct explanation of statement I. 


Statement I Statement II 


101 A 1.0 M solution of HCl BECAUSE HCl contains chlorine. 


has a low pH. 

102 An atom of chlorine is BECAUSE Chlorine has a greater 
smaller than an atom of effective nuclear charge 
sulfur. than sulfur. 


Look at question 101. Statement I is true: HCl is an acid, which is a 
substance that’s capable of donating H* ions in solution. Acids have a 
PH that’s lower than 7, while bases have a pH above 7. Statement II is 
also true: HCl is made up of a hydrogen atom and a chlorine atom. 


Now do the final step—is the pH of HCl directly related to the 
concentration of the chlorine ions in solution? No, it is directly related 
to the number of H* ions given off by HCl in solution—you would not 
fill in the bubble marked CE (correct explanation). 

Now the answer to question 102. Statement I is true. Statement II is 
true. As you'll learn in “The Structure of Matter,” atomic radius 
decreases from left to right across the periodic table because the 
more protons in the nucleus of the atom, the more tightly and more 
closely held are the atom’s electrons. This is an example of another 
way you can use the periodic table while taking the test. If you 
understand periodic trends, you won’t have to memorize the atomic 
radii of all of the elements. The CE, for “correct explanation,” should 
be bubbled in. 


Five-Choice Completion Questions 


These are the multiple-choice questions we all know and love, and 
which are the lifeblood of any multiple-choice exam. You know the 
drill: they ask a question and give you five possible answer choices, 
and you pick the best one. This will be the third and final part of the 
exam. 

Here are the directions you'll see on the exam: 


Directions: Each of the questions or incomplete statements below is 
followed by five suggested answers or completions. For each 
question, select the one choice that is the best answer to the 
question and then fill in the corresponding oval on the answer sheet. 


24 Which of the following molecules does not match its geometric 


shape? 

(A) BF; trigonal planar 
(B) CHCl; tetrahedral 

(C) H0 V shape (bent) 
(D) CO, linear 

(E) PCl; trigonal planar 


The answer is E—the shape of this compound is irregular tetrahedron (also 
known as trigonal pyramid). You’ll learn rules for predicting molecular 
structures in chapter 4. Now, the above question is a straightforward 
multiple choice, but there’s another type of five-choice completion question 
on the test, and it looks like the question below: 


25 Which of the following statements correctly describe the 
information necessary for finding the concentration of an 
unknown monoprotic acid by titration with KOH? 


I. The concentration of the base 
II. The total starting volume of acid 
III. The volume of the base used to reach the equivalence point 


(A) I only 

(B) II only 

(C) I and II only 
(D) I and III only 
(E) I, II, and III 


Let’s analyze it. To find the concentration of the unknown acid, you'll 
need to know the molarity of the base used in the titration or, put in 
simpler language, the moles of base per liter of solution. So, statement 
I is necessary. We’ll also need the information in statements II and III, 
as you'll learn in “Laboratory.” The correct answer is E. 

While knowing your chemistry inside and out is the best way to ensure 
that you'll do well on this test, it will also help you on test day if you’ve 
developed a strategy that enables you to answer all the questions that 
test you on chemistry you feel confident about and to guess 
intelligently on the questions on areas in which you feel less confident. 
We will talk about some strategies for how to deal with these harder 
questions in the next chapter. 


Scoring the SAT II Chemistry 


Scoring on the SAT II Chemistry is the same as scoring for all other 
SAT II tests. For every right answer, you earn one point. For every 
wrong answer, you lose ! /, of a point. For each question you leave blank, 
you earn zero points. These points combined equal your raw score. ETS 
converts your raw score to a scaled score using a curve tailored to the 
particular test you take. We’ve included a raw-to-scaled conversion chart 
below so you can translate your raw score on a practice test into scaled 
scores. 


Raw Scaled Raw Scaled Raw Scaled 
Score Score Score Score Score Score 


= | k EDERA n 


This chart shows you that your score doesn’t plummet with every 
question you can’t answer confidently. You can do very well on this 
test without knowing or answering everything. The key to doing well 
on the SAT II Chemistry is to follow a strategy that ensures you will 
see and answer all the questions you can answer, while intelligently 
guessing on those slightly fuzzier questions. 
For example, on an 80 question test, you could score: 

e 800 if you answered 79 right and left 1 blank 

e 750 if you answered 73 right, 4 wrong, and left 3 blank 

e 700 if you answered 67 right, 8 wrong, and left 5 blank 

e 650 if you answered 60 right, 12 wrong, and left 8 blank 

e 600 if you answered 54 right, 16 wrong, and left 10 blank 


We'll talk more about these strategies in the next chapter. 


Strategies for Taking the SAT II Chemistry 
Test 


A machine, not a person, will score your SAT II test. The tabulating 
machine sees only the filled-in ovals on your answer sheet and doesn’t 
care how you came to those answers—it cares only whether your 
answers are correct. A lucky guess counts in your favor just as much 
as an answer you give confidently. By the same token, if you 
accidentally fill in (B) where you meant (C), you won’t get any credit 
for having known what the answer was. Think of the multiple-choice 
test as a message to you from the ETS: “We score your answers, and 
not any of the work behind them.” So give them right answers—as 
many as possible, using whatever means possible. 

We'll start by discussing some general principles for test taking that 
you can use for this test as well as any other test you take, then we’ll 
move on to strategies that apply directly to the SAT II Chemistry test. 


The Strategies 


Most of these “strategies” are common sense, and many of them you 
already know. The funny thing about high-pressure situations, though, 
is that common sense often goes out the window. If you review 
anything in the minutes before taking the test, review these 
strategies. Of course, that doesn’t mean you should skip this section 
now. It’s full of very useful hints, some of which might be new to you. 


General Hint 1: Be Calm 


The best way to do poorly on a test is to psych yourself out. If your 
mind starts thrashing about wildly, it will have a hard time settling on 
the right answers. There are a number of preventative measures you 
can take, beginning weeks or even months before you take the test. 
Buying this book was a good start: It’s reassuring to see all the 
information you’ll need to ace the test in a compact, manageable form. 
But there are a number of other things you ought to keep in mind: 

e Study in advance. If you’ve studied at regular intervals 
leading up to the test rather than cramming the night before, 
the information will sit more easily in your mind. 

e Be well rested. Get a good night’s sleep on the two nights 
leading up to the test. If you’re frazzled or wired, you’re going 
to have a harder time buckling down and concentrating when it 
really counts. 

e Come up for air. Don’t assume that the best way to take an 
hour-long test is to spend the full hour nose to nose with the test 
questions. If it feels natural for you to take breathers, don’t be 


afraid to do so. Lift your head occasionally, look about you, and 
take a deep breath—you may return to the test with a clearer 
mind. 


General Hint 2: Grid Your Answers Carefully 


No kidding. People make mistakes while entering their answers onto 
the grid and it can cost them big-time. This slipup occurs most 
frequently if you skip a question. If you left question 43 blank and then 
unthinkingly put the answer to question 44 into row 43, you could be 
starting a long, painful chain of wrong answers. Don’t do it. 

You can avoid this by filling in your answer sheet five questions at a 
time rather than one at a time, but if you feel that’s too complicated, 
just be careful to check the number of the answer sheet against the 
question number each time. 


General Hint 3: Pace Yourself 


At the very least, aim to Jook at every question on the test. You can’t 
afford to lose points because you didn’t even get to a question you 
could have easily answered correctly. While you can spend an average 
of 42 seconds on each question, you'll probably breeze through some 
in 10 seconds and dwell on others for two minutes. Knowing how to 
pace yourself is a critical skill: 

e Don’t dwell on any one question for too long. If you’ve 
spent a couple of minutes laboring over the question, you might 
just want to circle it and move on. If you feel the answer is on 
the tip of your tongue, it might come more easily if you revisit it 
later. Not only is it demoralizing to spend five minutes on a 
single question, it also eats up precious time in which you might 
have answered a number of easier questions. 

e Nail the easy questions. As we said in the previous chapter, 
the questions will generally get progressively harder as you go 
through the test. Nonetheless, some tough ones will be thrown 
in right at the start, and hopefully you'll be finding ones that 
seem like a cinch right up until the end. Remember: you get as 
many points for correctly answering an easy question as a 
difficult one. 

e Skip the unfamiliar. If you encounter a question you can’t 
make heads or tails of, just circle it and move on. Don’t work too 
hard trying to sort out what’s going on. If you have time at the 
end, you can come back to it and see if you can make an 
educated guess. Your first priority should be to get all the easy 
questions, and your second priority should be to get through the 


questions you can solve with some work. Unfamiliar material 
should be at the bottom of your list of priorities. 


General Hint 4: Set a Target Score 


You can make the job of pacing yourself much easier if you go into the 
test knowing how many questions you have to answer correctly to 
earn the score you want. What score do you want to get? Ideally, your 
answer should be an 800, but be realistic: Consider how much you 
know about chemistry and how well you generally do on these types of 
tests. You should also do a little research—talk to the admissions 
offices of the colleges you might want to attend, look in college 
guidebooks, or talk to your guidance counselor. Find out the average 
score of a student admitted to the schools of your choice, and set your 
target score above it. Then take a look at the chart we showed you 
before. You can score 

e 800 if you answered 80 right and left 5 blank 

e 750 if you answered 75 right, 4 wrong, and left 6 blank 

e 700 if you answered 62 right, 8 wrong, and left 15 blank 

e 650 if you answered 56 right, 20 wrong, and left 9 blank 

e 600 if you answered 48 right, 24 wrong, and left 13 blank 


Suppose the average score on the SAT II Chemistry test for the school 
you're interested in is 650. Set your target at about 700. To get that 
score, you need to get 62 questions right, while giving yourself room 
to get eight wrong and leave 15 blank. As long as you have some idea 
of how many questions you need to answer, bearing in mind that you'll 
probably get some questions wrong, you can pace yourself 
accordingly. Taking practice tests is the best way to work on your 
pacing. See how many questions you can leave blank and still get the 
score you want, and you’ll have a better sense of what to aim at on the 
big day. 

If you find yourself effortlessly hitting your target score when you take 
the practice tests, don’t just pat yourself on the back. Set a higher 
target score and start gunning for that one. The purpose of buying this 
book and studying for the test is to improve your score as much as 
possible, so be sure to push your limits. 


General Hint 5: Know What You’re Being 
Asked 


You can’t know the answer until you know the question. This might sound 
painfully obvious, but many a point has been lost by the careless student who 


seizes an answer choice hastily before properly understanding the question. 
Take the following example: 


6. Three cylinders labeled A, B, C, are all at the same temperature. 
The volumes of the containers are 2.0 L, 4.0 L, and 6.0 L, 
respectively. Cylinder A contains 0.679 grams of neon gas ata 
pressure of 120 mmHg, cylinder B contains 2.45 grams of nitrogen 
gas at a pressure of 210 mmHg, and cylinder C is completely 
empty at the start. If the contents of A and B were completely 
transferred to C (assuming ideal conditions), what would the 
pressure become in cylinder C? 


(A) 0.25 atm 
(B) 180 mmHg 
(C) 330 mmHg 
(D) 675 mmHg 
(E) 1980 mmHg 


This is a fairly difficult question, but perhaps more importantly, the 
question is long and complicated looking. By the time the hasty 
student finishes reading it, he or she might have forgotten the 
beginning of the question and decided to simply add the pressures 
together and choose an incorrect answer, C. 

To avoid situations like this, take a moment to truly understand the 
question before answering it. Read the question and then vocalize to 
yourself what the question is asking and what the pertinent 
information they give you is. Then go ahead and answer the question 
or solve the problem before you even look at the answer choices. This 
will help ensure that you aren’t seduced by any of the incorrect 
answer choices listed. By the way, the correct answer to this question 
is B. 


General Hint 6: Know How to Guess 


ETS doesn’t take off ' /, of a point for each wrong answer to punish 
you for guessing—they do it so you won’t get a reward for guessing 
blindly. Suppose that without even glancing at any of the questions, 
you just randomly entered responses in the first 20 spaces on your 
answer sheet. Because you have a 20% chance of guessing correctly 
on any given question, odds are you would guess right for four 
questions and wrong for 16 questions. Your raw score for those 20 
questions would then be 

(4 * 1)-(16 * 474)=0 


As you can see, you’d be no better or worse off blindly guessing than if 
you'd left those 20 spaces blank. 
Now suppose that in each of the first 20 questions you are able to 
eliminate just one possible answer choice, so that you guess with a 
25% chance of being right. Odds are, you’d get five questions right 
and 15 questions wrong, giving you a raw score of 
(5 * 1)-(15 * %) = 1.25 

All of a sudden, you’re over a point up. It isn’t much, but every little bit 
helps. Here’s a list of your priorities when you come to each question on this 
test. 

First |Answer the question correctly. 
priority: 


Second |If you don’t know the answer, try to eliminate answer 
priority: |choices and then guess. 


Third [If you can’t eliminate any answer choices, circle the 


priority: |question and move on to the next one. You might have 


time to come back to it when you’ve finished the other 
questions. 


The lesson to be learned here is that blind guessing doesn’t help, but 
educated guessing does. If you can eliminate even one of the five 
possible answer choices, you must guess. We’ll discuss how to 
eliminate answer choices on certain special kinds of questions in 
Chemistry Hint 5. 


Guessing as Partial Credit 


Some students feel that guessing is similar to cheating—that guessing 
correctly means getting credit where none is due. But instead of 
looking at guessing as an attempt to gain undeserved points, you 
should see it as a form of partial credit. For example, suppose you’re 
stumped on the question above that asks about total pressure after 
different gases are mixed into a new container. And suppose you’re 
pretty sure that the answer isn’t simply adding the pressures given, 
even though you know Dalton’s law of partial pressures. You do know 
many gas laws but are a little unsure as to how to answer this 
question. You do know that the pressure will be less or at least close 
to the other two pressures because you have some knowledge of 
Boyle’s law. Don’t you deserve something for that extra knowledge? 
Well, you do get something: when you look at this question, you can 
throw out answer choices C and E, which leaves you with a one-in- 


three chance of getting the question right if you guess. Your extra 
knowledge gives you better odds of getting this question right, exactly 
as extra knowledge should. 


SAT II Chemistry Test-Taking Strategies 


All the strategies discussed above can be applied equally to the SAT II 
Chemistry test and the SAT II Modern Hebrew test. That’s why they’re 
called “general hints.” However, as you may have noticed in the past, 
there are a number of dissimilarities between the study of chemistry 
and the study of modern Hebrew. And because chemistry is unlike 
modern Hebrew, and even unlike English and biology, a number of 
strategies apply uniquely to the SAT II Chemistry exam. Some of these 
strategies will help you out in chemistry generally, while some are 
suited to the unique idiosyncrasies of the SAT II format. 


Chemistry Hint 1: Know Those Formulas! 


As you know, you aren’t allowed to bring a calculator into the SAT II 
test, nor are you allowed to bring in a sheet of paper with useful 
information on it. That means that if you haven’t memorized formulas 
like Boyle’s law and the ideal gas equation, you’re going to lose points. 
This doesn’t mean you have to do a lot of rote memorization. In fact, 
it’s more important to truly understand the principles of chemistry 
than it is for you to memorize equations. You'll find that as the 
principles of chemistry become second nature to you, the equations 
that express these principles will become increasingly intuitive. 
Knowing your chemistry will help guide you to the right conclusions. 
A lot of people feel burdened coming into an exam with lots of 
formulas and equations in their head. It’s like your mind is “full,” and 
there’s no room for the problem solving at hand. If you have trouble 
remembering formulas, you might want to look them over carefully in 
the minutes before the test and then, before you even look at the first 
question, write down the formulas you have a hard time remembering 
on the back of the question booklet. That way you can refer back to 
them without any painful effort of recollection. 


Chemistry Hint 2: Estimate 


This hint goes hand in hand with one of the general hints above: Know 
What You’re Being Asked. Don’t dive blindly into five possible answer 
choices until you’ve already taken your best stab at coming up with 
the answer yourself. Obviously, estimation is only useful in questions 
involving calculation: you can’t “estimate” which law of 
thermodynamics states that the world tends toward increasing 
disorder. In questions involving a calculation, though, it may save you 
from foolish errors if you, for example, have a sense of the order of 


magnitude you're looking at. If you’re being asked to calculate the pH 
of a slightly acidic solution, you can be pretty confident that the 
answer won't be pH = 0.50, which would be too small, or pH = 14.00, 
which would be too big. You know that the correct answer must lie 
somewhere between 2 and 6. Estimation is a good way to eliminate 
some wrong answers when you’re making an educated guess. 


Chemistry Hint 3: Put It on Paper 


Don’t be afraid to write and draw compulsively. The first thing you 
should do once you’ve made sure you understand the question is to 
make your own notes about what you’re dealing with. Sketch 
molecules when dealing with a bonding question, or electron 
configurations for periodic trend questions, or whatever else may be 
appropriate. Not only will a visual representation relieve some of the 
pressure on your beleaguered mind, it may also help the solution jump 
right off the page at you. 

Don’t forget to write down important information! Writing down all of 
the information may lead you to a correct answer even if you don’t 
really understand the question. Suppose the question asks for the 
volume of a gas produced in a certain reaction. Write a balanced 
equation, plug in values, fiddle around a little, and see if you can come 
up with an answer that looks right. Chances are, it will be. 


Chemistry Hint 4: Answers Are Not Convoluted 


Remember, on the SAT II Chemistry test you’re not allowed to use a 
calculator, and you’re only given, on average, 42 seconds to answer 
each question. If you’re working on a problem and you find yourself 
writing out lines and lines of conversions as you try to figure out the 
answer, you’re probably not on the right track. These questions are 
designed in such a way that if you understand what you’re being 
asked, you will need at most a couple of simple calculations to get the 
right answer. 


Chemistry Hint 5: Eliminate Wrong Answers 


In the general hints above, Know How to Guess, we explained the 
virtues of eliminating answers you know to be wrong and taking a 
guess. For most questions, there will be at least one or two answer 
choices you can eliminate. There are also certain styles of question 
that lend themselves to particular process-of-elimination methods. 


Classification Questions 


The weakness of classification questions is that the same five answer choices 
apply to several questions. Invariably, some of these answer choices will be 
tempting for some questions but not for others. 


Questions 1-3 relate to the following molecules: 


(A) Sugar 

(B) Ammonia 

(C) Hydrochloric acid 
(D) Carbon dioxide 
(E) Acetic acid 


1. An organic solid with a low melting point 
2. Acts as a weak base when bubbled into pure water 
3. Would be the best choice of the above to neutralize excess NaOH 


For instance, if you’re pretty sure that ammonia, hydrochloric acid, 
and acetic acid are not organic solids, just from your general 
knowledge of chemistry, then you can eliminate B, C, and E. This 
helps you narrow the answer choices down to two, and if you have to 
guess, you have a 50-50 chance of choosing the correct answer. 
Another point that may help you guess in a pinch is that you'll rarely 
find the same answer choice being correct for two different questions. 
True, the directions for classification questions explicitly state that an 
answer choice “may be used once, more than once, or not at all,” but 
on the whole, the ETS people shy away from the “more than once” 
possibility. This is by no means a sure bet, but if you’re trying to 
eliminate answers, you might want to eliminate those choices that 
you've already used on other questions in the same set. 

If you’re wondering, the answers to the above questions are 1 A, 2 B, 
and 3 C. 


“EXCEPT” -Type Questions 


“EXCEPT” questions are five-choice multiple-choice questions that contain a 
bunch of right answers and one wrong answer. The questions always contain 
an all-caps EXCEPT, LEAST, or some other similar word. Even if you aren’t 
sure of the answer, you should be able to identify one or two of the answer 
choices as being true statements and eliminate them. 


32 Most compounds containing primarily ionic bonds are 
characterized by all of the following EXCEPT: 


(A) High melting points 


(B) Exist mainly in the gaseous state of matter 
(C) An attraction between positive and negative ions 
(D) Usually composed of a metal and nonmetal or polyatomic ion 


(E) Most dissolve readily in water 


Perhaps you’re not sure which of the five answer choices is wrong. But 
you should be able to identify that choice C or D might be correct 
because of the word ion in the statement. See, you’ve already 
eliminated two possible answers and can make a pretty good guess 
from there. 

If you’re interested, the answer is B: ionic compounds usually exist as 
crystalline solids, not gases, at room temperature. 


“I, II, and III” Questions 


As we discussed earlier, I, II, and III questions are multiple-choice questions 
that provide you with three possible answers, and the five answer choices list 
different combinations of those three. 


11 A student performed an experiment to determine the heat of 
neutralization of a strong acid with a strong base. Which of the 
following statements are true of this type of experiment? 


I. The reaction is exothermic. 
II. Energy for this reaction cannot be directly measured. 
III. The specific heat must be calculated for the acid. 


(A) I only 

(B) II only 

(C) I and II only 
(D) II and III only 
(E) I, II, and III 


There’s an upside and a downside to questions of this type. Suppose, 
for example, that you know that in experiments involving heat of 
neutralization for acids and bases, you need to know the specific heat 
—and you suspect that you need the specific heat for the acid. This 
means that you can eliminate A, B, and C and significantly increase 
your chance of guessing the right answer. As long as you’re not afraid 
to guess—and remember that you should never be afraid to guess if 
you’ve eliminated an answer—these questions shouldn't be too 
daunting. By the way, the answer is E. 


The Structure of Matter 


For this subject review, we’ll start where you would usually start ina 
chemistry class: with a study of the atom and atomic theory. 


Atomic Structure—What We Know Today 


Elements and Atoms 


An atom is the smallest particle of an element that retains the 
chemical properties of that element, and an element is defined as a 
substance that can’t be broken down or separated into simpler 
substances through a chemical reaction. Elements contain just one 
type of atom, and each different element contains a different type of 
atom. Take the element sulfur (S). A pile of sulfur (a yellow, powdery 
or crystallized substance) sitting on a table represents a single 
element—sulfur—and this pile of sulfur is made up of only one type of 
atom—sulfur atoms. 

Each atom, regardless of its identity, is made up of three types of 
subatomic particles. Protons, which are positively charged and 
situated at the center of the atom (also known as the atomic nucleus); 
neutrons, which are electrically neutral (meaning that they have no 
charge) and are also in the nucleus of the atom; and electrons, which 
are negatively charged and are situated outside the nucleus. The 
majority of the mass of an atom is contained in its nucleus: while 
electrons are about the same size as protons and neutrons, an 
electron has 1/837th the mass of protons or neutrons. You should also 
be aware that the nucleus of an atom is much, much smaller and more 
dense than the space occupied by an atom’s electrons—if an atom 
were the size of a football field, the nucleus would be the size of a flea 


~10#cm 


on the 50-yard line! 
The number of protons an atom possesses is what gives the atom its 
identity—all atoms of a particular element have the same number of 
protons in their nuclei. For example, all of the sulfur atoms in the pile 
of sulfur we looked at above have 16 protons in their nucleus. If they 


had one more proton in their nucleus, they would have a different 
identity—they’d be chlorine (Cl) atoms, and with one less, they’d be 
phosphorus (P) atoms. 

Atoms of a given element can, however, differ in the number of 
neutrons they contain, and atoms of the same element that have 
different numbers of neutrons are known as isotopes. Most elements 
have at least two isotopes that occur naturally, although a few have 


just one. Now take a look at how atoms are usually symbolized: 
Mass number (Z) = 
protons + neutrons 
C Element symbol 
Atomic number 
(A) = protons only 


This represents a carbon atom that has 6 protons and 6 neutrons. In 
this notation, the atomic number (A), which is the number of 
protons the atom contains, is indicated by the subscript, and the mass 
number (Z), which is the number of the atom’s protons plus the 
number of its neutrons, is indicated by the superscript. Some 
relatively common isotopes of carbon can contain 5, 7, or 8 neutrons, 
so although their atomic numbers would all be 6, their mass numbers, 
respectively, would be 11 (6 + 5), 13 (6 + 7), and 14 (6 + 8). Isotopes 
can also be written as carbon-14, carbon-15, carbon-16, etc., or C-14, 
C-15, C-16, where the number represents the mass number of the 
atom. 

The last thing you should know about the basic structure of an atom is 
that atoms have the same number of protons and electrons, and since 
protons are positively charged and electrons are negatively charged, 
neutral atoms have no net electrical charge. 


Example 


The atomic number of a certain element is 11, and its atomic mass 
number is 23. How many protons and neutrons does this atom have, 
and what is its chemical symbol? 


Explanation 


If the atomic number is 11, this element is sodium and its symbol is 
Na. If the atomic mass number is 23, the number of neutrons is equal 
to 23-11 = 12. 


Atoms and the Periodic Table 


The day of the SAT II Chemistry exam, you will be given a periodic 
table to use while answering the questions. However, this periodic 
table will most likely be much simpler than the ones you use in class 
or have seen in your chemistry text. It will give you only two pieces of 


information for each element: the element’s atomic number and the 
element’s atomic weight, which is written below the element’s symbol 
in each box. The atomic weight of an element represents its average 
atomic mass based on the relative abundance of various isotopes of 
that element in nature. So, when we say that the atomic weight of 
carbon is 12.0107, we mean that the average weights of all of the 
isotopes of carbon that exist in nature, whether the carbon is carbon- 
11, -12, -13, or -14, is 12.0107. 

But what does it mean to say that the isotopes “weigh” 12.0107? 
12.0107 what? Certainly not grams, or the isotopes would be a lot 
bigger than they are. Atomic weights have the unit amu, or atomic 
mass unit, and one atomic mass unit is equal to 1.66054 * 10% g. 


Nuclear Reactions 


All of the processes discussed in this section are examples of nuclear 
reactions, which are different from ordinary chemical reactions. 
Ordinary chemical reactions involve the exchange and sharing of 
electrons, while nuclear reactions involve alterations in the very core 
of an atom; that dense nucleus made up of protons and neutrons. 


Radioactivity 


You will need to be familiar with several types of nuclear reactions 
and terms related to them to be fully prepared for the SAT II 
Chemistry test, and in this section we’ll review everything you'll need 
to know. The first concept we discuss is radioactivity. Strictly 
speaking, radioactivity is the spontaneous disintegration of an 
unstable atomic nucleus and the subsequent emission of radiation. But 
what makes atoms radioactive to begin with, and what makes them 
undergo radioactive decay? It turns out that there is a stable ratio of 
protons to neutrons for each element; for the first 20 elements on the 
periodic table (hydrogen through calcium), this ratio is 1 proton to 1 
neutron, for example. Protons and neutrons in excess of this stable 
number can be emitted radioactively. Below we have listed examples 
of the important types of radioactive decay. 

Alpha decay occurs when the nucleus emits an alpha particle. Alpha 
particles have a positive charge and are equivalent in size to a helium 


He 
nucleus, and so they are symbolized as . Alpha particles are the 


largest radioactive particle emitted. This type of radioactivity results 
in a decrease in the atomic number by 2 and a decrease in the atomic 
mass by 4. The equation below shows uranium-234 undergoing alpha 
decay: 

U — iHe + °STh 


Beta decay occurs when the nucleus emits a beta particle. Beta 
particles have a negative charge and are much smaller than alpha 
particles. They’re equivalent to high-speed electrons and are 


0 0 


ú t 
symbolized by “or. This type of radioactivity causes an increase in 


the atomic number by 1 but no change in mass number. The equation 
below represents uranium-233 undergoing beta decay. 

RU — p+ Np 
How does a nucleus, which is composed of only protons and neutrons, 
eject an electron? A neutron is composed of a proton and an electron 
fused together. In beta emission, the electron is emitted from the 
nucleus, while the proton part remains behind, thus increasing the 
atomic number by 1. 


Example 


Complete the balanced equation by determining the missing term. 
sAs— {B+ ? 


Explanation 


Remember, the sum of the atomic numbers and the mass numbers 
must be equal on both sides of the equation. We are looking for a 
component that has mass number of 80 and an atomic number of 34 
(34 protons). Using this information and the periodic table, we can 
identity the element produced by this beta decay as Se, or selenium. 


The missing term is “Se. And the completed equation is: 

sAs— (P+ Se 
Gamma decay consists of the emission of pure electromagnetic 
energy; no particles are emitted during this process, and it is 
symbolized by equation;00g. After beta, positron, or alpha decay, the 
nucleus is left in a high-energy state, and at this point it will often 
emit gamma rays, which allows it to relax to its lower-energy ground 
state. Since gamma rays do not affect charge or mass, they are often 
not included in nuclear equations. 
Positron emission occurs when an atom becomes more stable by 
emitting a positron 01e, which is the same size and mass as an 
electron but has a positive charge. This process converts a proton into 
a neutron; the positron is emitted and the neutron remains behind in 
the nucleus, decreasing the atomic number by 1. 

p> n+ ie 


Often the emission of an alpha or a beta particle creates another 
radioactive species, which undergoes further radiation/emission in a 
cascade called a radioactive series. Notice that in the course of all of 


these types of radioactive decay, neither protons nor neutrons are 
either created or destroyed: this is due to what’s known as the law of 
conservation of matter, which states that mass is neither created 
nor destroyed. So when you see radioactivity equations on the SAT II 
Chemistry test, one of the most important things to remember is that 
the sum of the mass numbers and the sum of the atomic numbers 
must both be equal on both sides of the equation. 


Example 


Write the equation for the alpha decay of radium-221.Write the 
equation for the beta decay of sulfur-35. 


Explanation 


The radium-221 atom has atomic number (A) = 88 and mass number 
(Z) = 221. When an alpha particle is emitted, the atomic number is 
reduced by 2 and the mass number is reduced by 4. The atomic 
number of the resulting atom is 86, so the element created as a result 
of this radioactive decay is radon-217. 

Ra ja+ Rn 
The sulfur-35 atom has an atomic number of 16 and a mass number of 
35. When it undergoes beta decay, the atomic number is increased by 
1 and the mass number remains the same. The atomic number of the 
atom created is 17, so the atom is chlorine-35. 

wS — Je + iC 


Fission and Fusion 


There are two main types of nuclear reactions: fusion and fission. In 
fusion reactions, two light nuclei are combined to form a heavier, 
more stable nucleus. In fission reactions, a heavy nucleus is split into 
two nuclei with smaller mass numbers. Both processes involve the 
exchange of huge amounts of energy: about a million times more 
energy than that associated with ordinary chemical reactions. In 
either case, if the new particles contain more stable nuclei, vast 
quantities of energy are released. 

Nuclear power plants rely on fission to create vast quantities of 
energy. For example, U-235 nuclides can be bombarded with 
neutrons, and the result is Jots of energy, three neutrons, and two 
stable nuclei (Kr-92 and Ba-141). The three neutrons formed can 
collide with other U-235 atoms, setting off a chain reaction and 


releasing tons of energy. 
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Unstable Nucleus < ~ 


Example 


Is the following process an example of fission or fusion? 
235 | 146 87 1 
nU + oat —> sLa+ Ba + 3n 


Explanation 


This is an example of fission. Fission occurs when a large nucleus is 
bombarded by a small particle, such as a neutron. The result is two 
smaller nuclei and additional neutrons, and a chain reaction process 
begins. 


Half-Lives 


In discussions of radioactivity, the half-life of an isotope refers to the 
time it takes for one-half of the sample to decay. If we start with 100 g 
of a radioactive substance whose half-life is 15 days, after 15 days 50 
g of the substance will remain. After 30 days, 25 g will remain, and 
after 45 days, 12.5 g remains, and so on. 


Example 


A radioactive substance has a half-life of 20 minutes. If we begin with 
a 500 g sample, how much of the original sample remains after two 
hours? 


Explanation 


The easiest way to attack these questions is to start with the original 
amount of the sample, then draw arrows representing each half-life. 
Two hours is 120 minutes, so that’s six half-lives. At the end of the 
stated time period, 7.8 g remains. 
500g 250g 125g ” 625g 


=> — — 


31.259 15.625 g 7.8125 g 


The Quantum Mechanical Model of the 
Atom 
Energy Is Quantized 


After Max Planck determined that energy is released and absorbed by 
atoms in certain fixed amounts known as quanta, Albert Einstein took 
his work a step further, determining that radiant energy is also 
quantized—he called the discrete energy packets photons. Einstein’s 
theory was that electromagnetic radiation (light, for example) has 


characteristics of both a wave and a stream of particles. 
Light as: 


a wave 


~ ti <a < aca E 


\ magnetic field 
electric field 


a stream of particles 


` 


The Bohr Model of the Atom 


In 1913, Niels Bohr used what had recently been discovered about 
energy to propose his planetary model of the atom. In the Bohr model, 
the neutrons and protons are contained in a small, dense nucleus, 
which the electrons orbit in defined spherical orbits. He referred to 
these orbits as “shells” or “energy levels” and designated each by an 
integer: 1, 2, 3, etc. An electron occupying the first energy level was 
thought to be closer to the nucleus and have lower energy than one 
that was in a numerically higher energy level. Bohr theorized that 
energy in the form of photons must be absorbed in order for an 
electron to move from a lower energy level to a higher one, and is 
emitted when an electron travels from a higher energy level to a lower 
one. In the Bohr model, the lowest energy state available for an 
electron is the ground state, and all higher-energy states are excited 
states. 


photon 


Orbitals and Quantum Numbers 


In the 1920s, Werner Heisenberg put forth his uncertainty 
principle, which states that, at any one time, it is impossible to 
calculate both the momentum and the location of an electron in an 


atom; it is only possible to calculate the probability of finding an 
electron within a given space. This meant that electrons, instead of 
traveling in defined orbits or hard, spherical “shells,” as Bohr 
proposed, travel in diffuse clouds around the nucleus. 

When we Say “orbital,” the image below is what we picture in our 
minds. 


To describe the location of electrons, we use quantum numbers. 
Quantum numbers are basically used to describe certain aspects of 
the locations of electrons. For example, the quantum numbers n, J, 
and m; describe the position of the electron with respect to the 
nucleus, the shape of the orbital, and its special orientation, while the 
quantum number m, describes the direction of the electron’s spin 
within a given orbital. 
Below are the four quantum numbers, showing how they are depicted and 
what aspects of electrons they describe. 
Has positive values of 1, 2, 3, etc. As n increases, 
the orbital becomes larger—this means that the 
electron has a higher energy level and is less 
tightly bound to the nucleus. 


of the orbital, and the value of J is designated by 
the letters s, p, d, and f, which correspond to values 
for Jof 0, 1, 2, and 3. In other words, if the value of 


Zis 0, itis expressed as s;ifJ/=1=p,]/=2=d, 
andJj=3=f. 


Determines the orientation of the orbital in space 
relative to the other orbitals in the atom. This 
quantum number has values from -/ through 0 to +1. 


Spin quantum |Specifies the value for the spin and is either +1/2 


number (ms) or -1/2. No more than two electrons can occupy any 


one orbital. In order for two electrons to occupy the 
same orbital, they must have opposite spins. 


Orbitals that have the same principal quantum number, n, are part of 
the same electron shell. For example, orbitals that have n = 2 are 
said to be in the second shell. When orbitals have the same n and J, 
they are in the same subshell; so orbitals that have n = 2 and /= 3 
are said to be 2forbitals, in the 2fsubshell. 

Finally, you should keep in mind that according to the Pauli 
exclusion principle, no two electrons in an atom can have the same 
set of four quantum numbers. This means no atomic orbital can 
contain more than two electrons, and if the orbital does contain two 
electrons, they must be of opposite spin. 


Electron Configurations 


Now let’s discuss how to determine the electron configuration for an 
atom—in other words, how electrons are arranged in an atom. The 
first and most important rule to remember when attempting to 
determine how electrons will be arranged in the atom is Hund’s rule, 
which states that the most stable arrangement of electrons is that 
which allows the maximum number of unpaired electrons. This 
arrangement minimizes electron-electron repulsions. Here’s an 
analogy. In large families with several children, it is a luxury for each 
child to have his or her own room. There is far less fussing and 
fighting if siblings are not forced to share living quarters: the entire 
household experiences a lower-intensity, less-frazzled energy state. 
Likewise, electrons will go into available orbitals singly before 
beginning to pair up. All the single-occupant electrons of orbitals have 
parallel spins, are designated with an upward-pointing arrow, and 
have a magnetic spin quantum number of +1/2. 

As we mentioned earlier, each principal energy level, n, has n 
sublevels. This means the first has one sublevel, the second has two, 
the third has three, etc. The sublevels are named s, p, d, and £ 


Energy level principal quantum Number of Names of 


number, n sublevels sublevels 


At each additional sublevel, the number of available orbitals is 
increased by two: s = 1, p= 3, d= 5, f= 7, and as we stated above, 
each orbital can hold only two electrons, which must be of opposite 
spin. So s holds 2, p holds 6 (2 electrons times the number of orbitals, 
which for the p sublevel is equal to 3), d holds 10, and fholds 14. 


Number of orbitals 


Maximum number of electrons fala lena 
Quantum number, 1 ee | 


We can use the periodic table to make this task easier. 
group 1A 8A 


period 1 | Is | 24 3A 4A 5A 6A 7A Is 


2 E 2p 


p 
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Notice there are only two elements in the first period (the first row of 
the periodic table); their electrons are in the first principal energy 
level: n = 1. The second period (row) contains a total of eight 
elements, which all have two sublevels: s and p; s sublevels contain 
two electrons when full, while p sublevels contain six electrons when 
full (because p sublevels each contain three orbitals). 
The third period looks a lot like the second because of electron- 
electron interference. It takes less energy for an electron to be placed 
in 4s than in 3d, so 4s fills before 3d. Notice that the middle of the 


periodic table contains a square of 10 columns: these are the elements 
in which the d orbitals are being filled (these elements are called the 
transition metals). Now look at the two rows of 14 elements at the 
bottom of the table. In these rare earth elements, the forbitals are 
being filled. 

One final note about electron configurations. You can use the periodic 
table to quickly determine the valence electron configuration of each 
element. The valence electrons are the outermost electrons in an 
atom—the ones that are involved in bonding. The day of the test, as 
soon as you get your periodic table (which comes in the test booklet), 
label the rows as shown in the art above. The number at the top of 
each of the rows (i.e., 1A, 2A, etc.) will tell you how many valence 
electrons each element in that particular row has, which will be very 
helpful in determining Lewis dot structures. More on this later. 


Example 


Using the periodic table, determine the electron configuration for 
sulfur. 


Explanation 


First locate sulfur in the periodic table; it is in the third period, in the 
p block of elements. Count from left to right in the p block, and you 
determine that sulfur’s valence electrons have an ending configuration 
of 3p*, which means everything up to that sublevel is also full, so its 
electron configuration is 1s*2s’2p°3s’3p*. You can check your answer 
—the neutral sulfur atom has 16 protons, and 16 electrons. Add up the 
number of electrons in your answer: 2 +2 +6+2+4= 16. 

Another way of expressing this and other electron configurations is to 
use the symbol for the noble gas preceding the element in question, 
which assumes its electron configuration, and add on the additional 
orbitals. So sulfur, our example above, can be written [Ne] 323 pt. 


Orbital Notation 


Orbital notation is basically just another way of expressing the 
electron configuration of an atom. It is very useful in determining 
quantum numbers as well as electron pairing. The orbital notation for 
sulfur would be ee a as ONO WS: 


10 a 13,16 14 15 


Notice that electrons 5, 6, and 7 went into their own orbitals before 
electrons 8, 9, and 10 entered, forcing pairings in the 2p sublevel; the 
same thing happens in the 3p level. 


Now we can determine the set of quantum numbers. First, n = 3, 
since the valence electron (the outermost electron) is a 3p electron. 
Next, we know that p sublevels have an / value of 1. We know that m, 
can have a value between / and -/, and to get the m, quantum number, 
we go back to the orbital notation for the valence electron and focus 
on the 3p sublevel alone. It looks like this: 


-1 


Oo +1 


Simply number the blanks with a zero assigned to the center blank, 
with negative numbers to the left and positive to the right of the zero. 
The last electron was number 16 and “landed” in the first blank asa 
down arrow, which means its m; = -1 and ms, = -1/2, since the electron 
is the second to be placed in the orbital and therefore must have a 
negative spin. 

So, when determining m, just make a number line underneath the 
sublevel, with zero in the middle, negative numbers to the left, and 
positive numbers to the right. Make as many blanks as there are 
orbitals for a given sublevel. For assigning ms, the first electron placed 
in an orbital (the up arrow) gets the +1/2 and the second one (the 
down arrow) gets the -1/2. 


Example 


Which element has this set of quantum numbers: n = 5, /= 1, m= -1, 
and ms = -1/2? 


Explanation 


First, think about the electron configuration: n = 5 and /= 1, so it 
must be a 5p electron. The m, quantum number corresponds to this 


orbital notation picture: 
N 
-1 


Ò +1 


Be sure to number the blanks and realize that the -1/2 means it is a 
pairing electron! The element has a configuration of 5p*; so it must be 
tellurium. 

Example 


Complete the following table: 


Valence electron Valence orbital | Set of quantum 


configuration notation numbers 
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Valence orbital notation Set of 
electron quantum 
configuratio numbers 
n (n, I, ml, 
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The Periodic Table and Periodic Properties 


We just saw how the periodic table can help us quickly determine 
electron configurations and quantum numbers. As you'll see in this 
section, this is possible because of the special arrangement of 
elements in the periodic table. There will almost definitely be at least 
one question about trends in the periodic table on the SAT Chemistry 
test, so be sure to read this section closely. 


The Anatomy of the Periodic Table 


As you are probably well aware, in the periodic table, elements are 
arranged in order of increasing atomic number. The 18 vertical 
columns of the table are called groups or families, while the seven 
horizontal rows are called periods and correspond to the seven 
principal quantum energy levels, n = 1 through n = 7. 


i 5 6 7 5 9 10 11 12 
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On the right side of the periodic table is a dividing line resembling a 
staircase. To the left of the staircase lie the metals, and to the right of 
the staircase lie the nonmetals. Many of the elements that touch the 
staircase are called metalloids, and these exhibit both metallic and 
nonmetallic properties. Study the diagram below and memorize the 
names of the different types of elements, because you will definitely 
see questions about these groupings on the test! 


group 1A BA 


eriod 1 2A 3A 4A 5A 6A 7A 
l = Metalloids —§ = 


Nonmetals 


Transition metals 


6 | | | ig ; i y 
7 Halogens Noble , 
Ja + (TA) gases 
Alkali Alkaline 7; 
metals earth Lanthanides | Rare earth 
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Metals are malleable, ductile, and have luster; most of the elements 
on the periodic table are metals. They oxidize (rust and tarnish) 
readily and form positive ions (cations). They are excellent conductors 
of both heat and electricity. The metals can be broken down into 
several groups. 

Transition metals (also called the transition elements) are known for 
their ability to refract light as a result of their unpaired electrons. 
They also have several possible oxidation states. Ionic solutions of 
these metals are usually colored, so these metals are often used in 
pigments. The actinides and lanthanides are collectively called the 
rare earth elements and are filling the forbitals. They are rarely 
found in nature. Uranium is the last naturally occurring element; the 
rest are man-made. 

Nonmetals lie to the right of the staircase and do not conduct 
electricity well because they do not have free electrons. All the 
elemental gases are included in the nonmetals. Notice that hydrogen 
is placed with the metals because it has only one valence electron, but 
it is a nonmetal. 

Here are some specific families you should know about, within the 
three main groups (metals, nonmetals, and metalloids): 

Alkali metals (1A)—The most reactive metal family, these must be 
stored under oil because they react violently with water! They dissolve 
and create an alkaline, or basic, solution, hence their name. 

Alkaline earth metals (2A)—These also are reactive metals, but 
they don’t explode in water; pastes of these are used in batteries. 
Halogens (7A)—Known as the “salt formers,” they are used in 
modern lighting and always exist as diatomic molecules in their 
elemental form. 

Noble gases (8A)—Known for their extremely slow reactivity, these 
were once thought to never react; neon, one of the noble gases, is 
used to make bright signs. 

Now that you’re familiar with the different groupings of the periodic 
table, it’s time to talk about the ways we can use the periodic table to 
predict certain characteristics of elements. 


Atomic Radius 


Since in an atom there is no clear boundary beyond which the electron 
never strays, the way atomic radius is measured is by calculating the 
distance between the two nuclei of atoms when they are involved in a 
chemical bond. If the two bonded atoms are of the same element, you 
can divide the distance by 2 to get the atom’s radius. That said, one of 
the two important things you’ll need to know about atomic radii for 
the SAT II Chemistry exam is that atomic radii decrease (Y) moving 
across a period from left to right. But why? It seems as though the 
more protons you add, the more space the atom should take up, but 
this is not the case. The reason for this lies in the basic concept that 
opposite charges attract each other and like charges repel each other. 
As you increase the number of protons in the nucleus of the atom, you 
increase the effective nuclear charge of the atom (Zer), and the 
nucleus pulls more strongly on the entire electron cloud. This makes 
the atomic radius decrease in size. The second thing you'll need to 
know is that atomic radii increase moving down a group or 
family. This is easier to understand if you refer to the Bohr model. As 
you move down the table, the value of n increases as we add another 
shell. Remember that the principal quantum number, n, determines 
the size of the atom. As we move down a family, the attractive force of 
the nucleus dissipates as the electrons spend more time farther from 
the nucleus. 

One more thing about atomic size. As you know, when an atom loses 
an electron, a cation, or positive ion, is formed. When we compare the 
neutral atomic radius to the cationic radius, we see that the cationic 
radius is smaller. Why? The protons in the nucleus hold the remaining 
electrons more strongly. As you might expect, for negatively charged 
ions, or anions, the nuclear attractive force decreases (and there is 
enhanced electron-electron repulsion), so the electrons are less tightly 
held by the nucleus. The result is that the anion has a larger radius 
than the neutral atom. 

The SAT II Chemistry test might ask you to compare the sizes of two 
atoms that are isoelectronic, meaning that they have the same 
number of electrons. In this case, you would then consider the number 
of protons the two atoms possess. 


Example 
Which ion is larger, F` or O*? 
Explanation 


Since these two atoms are isoelectronic and in the same period, the 
atom with more protons in its nucleus will hold its electrons more 


tightly and be smaller. Fluoride will be smaller since it has more 
protons (9, compared to oxide’s 8). 


Ionization Energy (IE) 


The ionization energy of an atom is the energy required to remove 
an electron from the atom in the gas phase. Although removing the 
first electron from an atom requires energy, the removal of each 
subsequent electron requires even more energy. This means that the 
second IE is usually greater than the first, the third IE is greater than 
the second, and so on. The reason it becomes more difficult to remove 
additional electrons is that they’re closer to the nucleus and thus held 
more strongly by the positive charge of the protons. 

Ionization energies differ significantly, depending on the shell from 
which the electron is taken. For instance, it takes less energy to 
remove a p electron than an s electron, even less energy to extract a d 
electron, and the least energy to extract an felectron. As you can 
probably guess, this is because s electrons are held closer to the 
nucleus, while felectrons are far from the nucleus and less tightly 
held. You’ll need to remember two important facts about ionization 
energy for the test. The first is that ionization energy increases as we 
move across a period. 

The reason for this, as is the case with periodic trends in atomic radii, 
is that as the nucleus becomes more positive, the effective nuclear 
charge increases its pull on the electrons and it becomes more 
difficult to remove an electron. 

The second thing you'll need to remember is that ionization energy 
decreases as you move down a group or family. The increased 
distance between electrons and the nucleus and increased shielding 
by a full principal energy level means that it requires less energy to 
remove an electron. Shielding occurs when the inner electrons in an 
atom shield the outer electrons from the full charge of the nucleus. 
Keep in mind that this phenomenon is only important as you move 
down the periodic table! Here are the values for the first ionization 
energies for some elements: 


There are some important exceptions to the above two ionization 
energy trends in the periodic table, so make sure you study these 
closely: 

e When electron pairing first occurs within an orbital, electron- 
electron repulsions increase, so that removing an electron takes 
less energy (it’s easier); thus the IE drops at this time. For 
example, less energy is required to remove an electron from 
oxygen’s valence in spite of an increasing Ze because oxygen’s 
pt electron is the first to pair within the orbital. The repulsion 
created lowers the amount of energy required to remove either 
electron. 

e There is also a drop in ionization energy from s* to p'—also in 
spite of an increasing Ze. This drop is due to the fact that you 
are removing a p electron rather than an s electron. The p 
electrons are less tightly held because they do not penetrate the 
electron cloud toward the nucleus as well as an s electron does. 


Example 


Which of the following elements has the highest ionization energy: K, 
Ca, Ga, As, or Se? 


Explanation 


The answer is arsenic, or As. Since IE increases as we move across a 
period, you may have chosen Se. However, there is a drop in IE in 
spite of increasing Zer due to the increased electron-electron repulsion 
in the family that contains oxygen, since they are np’. 


Electron Affinity 


An atom’s electron affinity is the amount of energy released when an 
electron is added to the atom in its gaseous state—when an electron is 
added to an atom, the atom forms a negative ion. Most often, energy is 


released as an electron is added to an atom, and the greater the 
attraction between the atom and the electron added, the more 
negative the atom’s electron affinity. 

For the SAT II Chemistry test, remember that electron affinity 
becomes more negative as we move across a period. This means that 
it’s easier to add an electron to elements, the farther to the right you 
travel on the periodic table. Why? Again, this is because the higher Zef 
increases the nuclear attraction for the incoming electron. Important 
exceptions to this rule are the noble gases: He, Ne, Ar, Kr, and Xe. 
They have electron affinities that are positive (meaning very low), 
because if they were to accept another electron, that electron would 
have to go into a new, higher-energy subshell, and this is energetically 
unfavorable. 

Electron affinities do not change very much as you go down a group. 
This is because the lower electron-nucleus attraction that’s seen as we 
go down a group is pretty evenly counterbalanced by a simultaneous 
lowering in electron-electron repulsion. Remember that there is no 
clear trend for electron affinity as you go down a group on the 
periodic table—this fact could come up in a synthesis of knowledge 
question! 


Electronegativity 


Electronegativity is a measure of the attraction an atom has for 
electrons when it is involved in a chemical bond. Elements that have 
high ionization energy and high electron affinity will also have high 
electronegativity since their nuclei strongly attract electrons. 
Electronegativity increases from left to right as we move across a 
period and decreases as we move down any group or family. 

By now, these trends should make sense. You know that ionization 
energies tend to decrease with increasing atomic number in a group, 
although there isn’t a significant change in electron affinity, so it 
makes sense that atoms’ attraction for electrons in a bond would also 
increase as their Zr increased. We will discuss the concept of 
electronegativity further in the next section, when we discuss 
chemical bonding. 

Here’s a summary of the trends we discussed in this section. Make 
sure to memorize them! 
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increasing ionization energy ry 
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Chemical Bonding and Molecular Structure 


What Are Chemical Bonds, and Why Do They Form? 


A chemical bond is the result of an attraction between atoms or ions. The 
types of bonds that a molecule contains will determine its physical 
properties, such as melting point, hardness, electrical and thermal 
conductivity, and solubility. How do chemical bonds occur? As we mentioned 
before, only the outermost, or valence, electrons of an atom are involved in 
chemical bonds. Let’s begin our discussion by looking at the simplest 
element, hydrogen. When two hydrogen atoms approach each other, 
electron-electron repulsion and proton-proton repulsion both act to try to 
keep the atoms apart. However, proton-electron attraction can 
counterbalance this, pulling the two hydrogen atoms together so that a bond 
is formed. Look at the energy diagram below for the formation of an H-H 


energy 
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a au 
uy @ @ 
Too close! Fa Getting better... 
Just right. 
uu 
0 0.074 distance between 

bond nuclei (nm) 


As you'll see throughout our discussion, atoms will often gain, lose, or share 
electrons in order to possess the same number of electrons as the noble gas 
that’s nearest them on the periodic table. All of the noble gases have eight 

valence electrons (s*p®) and are very chemically stable, so this phenomenon 


is known as the octet rule. There are, however, certain exceptions to the 
octet rule. One group of exceptions is atoms with fewer than eight electrons 
—hydrogen (H) has just one electron. In BeH2, there are only four valence 
electrons around Be: Beryllium contributes two electrons and each hydrogen 
contributes one. The second exception to the octet rule is seen in elements in 
periods 4 and higher. Atoms of these elements can be surrounded by more 
than four valence pairs in certain compounds. 


Types of Chemical Bonds 


You'll need to be familiar with three types of chemical bonds for the SAT II 
Chemistry exam: ionic bonds, covalent bonds, and metallic bonds. 

Ionic bonds are the result of an electrostatic attraction between ions that 
have opposite charges; in other words, cations and anions. Ionic bonds 
usually form between metals and nonmetals; elements that participate in 
ionic bonds are often from opposite ends of the periodic table and have an 
electronegativity difference greater than 1.67. Ionic bonds are very strong, 
so compounds that contain these types of bonds have high melting points and 
exist in a solid state under standard conditions. Finally, remember that in an 
ionic bond, an electron is actually transferred from the less electronegative 
atom to the more electronegative element. One example of a molecule that 
contains an ionic bond is table salt, NaCl. 

Covalent bonds form when electrons are shared between atoms rather than 
transferred from one atom to another. However, this sharing rarely occurs 
equally because of course no two atoms have the same electronegativity 
value. (The obvious exception is in a bond between two atoms of the same 
element.) We say that covalent bonds are nonpolar if the electronegativity 
difference between the two atoms involved falls between 0 and 0.4. We say 
they are polar if the electronegativity difference falls between 0.4 and 1.67. 
In both nonpolar and polar covalent bonds, the element with the higher 
electronegativity attracts the electron pair more strongly. The two bonds ina 
molecule of carbon dioxide, CO», are covalent bonds. 

Covalent bonds can be single, double, or triple. If only one pair of electrons is 
shared, a single bond is formed. This single bond is a sigma bond (s), in 
which the electron density is concentrated along the line that represents the 
bond joining the two atoms. 

However, double and triple bonds occur frequently (especially among 
carbon, nitrogen, oxygen, phosphorus, and sulfur atoms) and come about 
when atoms can achieve a complete octet by sharing more than one pair of 
electrons between them. If two electron pairs are shared between the two 
atoms, a double bond forms, where one of the bonds is a sigma bond, and 
the other is a pi bond (p). A pi bond is a bond in which the electron density 
is concentrated above and below the line that represents the bond joining the 
two atoms. If three electron pairs are shared between the two nuclei, a 


triple bond forms. In a triple bond, the first bond to form is a single, sigma 
bond and the next two to form are both pi. 

Multiple bonds increase electron density between two nuclei: they decrease 
nuclear repulsion while enhancing the nucleus-to-electron density 
attractions. The nuclei move closer together, which means that double bonds 
are shorter than single bonds and triple bonds are shortest of all. 

Metallic bonds exist only in metals, such as aluminum, gold, copper, and 
iron. In metals, each atom is bonded to several other metal atoms, and their 
electrons are free to move throughout the metal structure. This special 
situation is responsible for the unique properties of metals, such as their 
high conductivity. 


Drawing Lewis Structures 


Here are some rules to follow when drawing Lewis structures—you should 
follow these simple steps for every Lewis structure you draw, and soon 
enough you'll find that you’ve memorized them. While you will not 
specifically be asked to draw Lewis structures on the test, you will be asked 
to predict molecular shapes, and in order to do this you need to be able to 
draw the Lewis structure—so memorize these rules! To predict arrangement 
of atoms within the molecule 

1. Find the total number of valence electrons by adding up group 
numbers of the elements. For anions, add the appropriate number of 
electrons, and for cations, subtract the appropriate number of 
electrons. Divide by 2 to get the number of electron pairs. 

2. Determine which is the central atom—in situations where the central 
atom has a group of other atoms bonded to it, the central atom is 
usually written first. For example, in CCl, the carbon atom is the 
central atom. You should also note that the central atom is usually less 
electronegative than the ones that surround it, so you can use this fact 
to determine which is the central atom in cases that seem more 
ambiguous. 

3. Place one pair of electrons between each pair of bonded atoms and 
subtract the number of electrons used for each bond (2) from your 
total. 

4. Place lone pairs about each terminal atom (except H, which can only 
have two electrons) to satisfy the octet rule. Leftover pairs should be 
assigned to the central atom. If the central atom is from the third or 
higher period, it can accommodate more than four electron pairs since 
it has d orbitals in which to place them. 

5. If the central atom is not yet surrounded by four electron pairs, 
convert one or more terminal atom lone pairs to double bonds. 
Remember that not all elements form double bonds: only C, N, O, P, 
and S! 


Example 


Which one of the following molecules contains a triple bond: PF3, NF3, C2H2, 
HCO, or HOF? 


Explanation 


The answer is C2H2, which is also known as ethyne. When drawing this 
structure, remember the rules. Find the total number of valence electrons in 
the molecule by adding the group numbers of its constituent atoms. So for 
C2H,, this would mean C = 4 * 2 (since there are two carbons) = 8. Add to 
this the group number of H, which is 1, times 2 because there are two 
hydrogens = a total of 10 valence electrons. Next, the carbons are clearly 
acting as the central atoms since hydrogen can only have two electrons and 
thus can’t form more than one bond. So your molecule looks like this: H—C— 
C—H. So far you’ve used up six electrons in three bonds. Hydrogen can’t 
support any more electrons, though: both H’s have their maximum number! 
So your first thought might be to add the remaining electrons to the central 
carbons—but there is no way of spreading out the remaining four electrons 
to satisfy the octets of both carbon atoms except to draw a triple bond 
between the two carbons. 

For practice, try drawing the structures of the other four compounds listed. 


Example 


How many sigma (s) bonds and how many pi (p) bonds does the molecule 
ethene, C-H,, contain? 


Explanation 


First draw the Lewis structure for this compound, and you'll see that it 
contains one double bond (between the two carbons) and four single bonds. 
Each single bond is a sigma bond, and the double bond is made up of one 
sigma bond and one pi bond, so there are five sigma bonds and one pi bond. 


Exceptions to Regular Lewis Structures— Resonance 


Structures 


Sometimes you'll come across a structure that can’t be determined by 
following the Lewis dot structure rules. For example, ozone (O3) contains two 
bonds of equal bond length, which seems to indicate that there are an equal 
number of bonding pairs on each side of the central O atom. But try drawing 
the Lewis structure for ozone, and this is what you get: 

-(O—O=0 


We have drawn the molecule with one double bond and one single bond, but 
since we know that the bond lengths in the molecule are equal, ozone can’t 
have one double and one single bond—the double bond would be much 
shorter than the single one. Think about it again, though—we could also 
draw the structure as below, with the double bond on the other side: 
ö=ö—ğ: 
Together, our two drawings of ozone are resonance structures for the 
molecule. Resonance structures are two or more Lewis structures that 
describe a molecule: their composite represents a true structure for the 
molecule. We use the double-directional arrows to indicate resonance and 
also bracket the structures or simply draw a single, composite picture. 


Resonance structures for ozone: Composite: 


5-6 =6:] ‘ca = 6-5: | [ö=ö=ö:] 


Let’s look at another example of resonance, in the carbonate ion CO;7: 


Resonance structures for carbonate ion: Composite: 
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:0: :0: :0: ʻO: 
I | | li 
ZN an. Oe Y #78 
O O Q | ‘0. .O O O 


Notice that resonance structures differ only in electron pair positions, not 
atom positions! 


Example 


Draw the Lewis structures for the following molecules: HF, N2, NH3, CHa, 
CF,, and NO*. 


Explanation 


valence single remaining final Lewis number of 
electrons bonds electrons structure electrons 


a. HF 1+7= 8 H—F 6 H—F: H: 2 
F: 8 
b. No 5+5 = 10 N—N 8 N= N:8 
N: 8 
e NH, 5+3(1)=8 H—N—H 2 H—N—H H: 2 
| | N: 8 
H H 
H H 
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e CF, 444(7) = 32 F—C—F 24 F—C—F: F: 8 
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F F 
£ NO* 5+6-1=10 N—O 8 [:N=mo:] N: 8 


Molecular Shape 


While Lewis dot structures can tell us how the atoms in molecules are 
bonded to each other, they don’t tell us the shape of the molecule. In this 
section, we’ll discuss the methods for predicting molecular shape. The most 
important thing to remember when attempting to predict the shape of a 
molecule based on its chemical formula and the basic premises of the 
VSPER model is that the molecule will assume the shape that most 
minimizes electron pair repulsions. In attempting to minimize electron pair 
repulsions, two types of electron sets must be considered: electrons can exist 
in bonding pairs, which are involved in creating a single or multiple 
covalent bond, or nonbonding pairs, which are pairs of electrons that are 
not involved in a bond, but are localized to a single atom. 
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The VSPER Model—Determining Molecular Shape 


Total number of single bonds, /|Structural pair 
double bonds, and lone pairs on geometry 
the central atom 


Linear 


Trigonal planar 


Tetrahedral 


Trigonal 


bipyramidal 


Octahedral 


octahedral 


The above table represents a single atom with all of the electrons that would 
be associated with it as a result of the bonds it forms with other atoms plus 
its lone electron pairs. However, since atoms in a molecule can never be 


considered alone, the shape of the actual molecule might be different from 
what you’d predict based on its structural pair geometry. You use the 
structural pair geometry to determine the molecular geometry by following 
these steps: 

1. Draw the Lewis dot structure for the molecule and count the total 
number of single bonds, multiple bonds, and unpaired electrons. 

2. Determine the structural pair geometry for the molecule by arranging 
the electron pairs so that the repulsions are minimized (based on the 
table). 

3. Use the table above to determine the molecular geometry. 


The table below shows all of the commonly occurring molecular geometries 
that are found for molecules with four or fewer bonding domains around 
their central atom. 
Electron- Bonding |Nonbonding Molecular 
Domain Domains| Domains Geometry 


Geometry 


linear 


trigonal planar 


tetrahedral tetrahedral 


trigonal 
pyramidal 


bent 


As you can see from the table, atoms that have normal valence—meaning 
atoms that have no more than four structural electron pairs and obey the 
octet rule (and have no lone pairs)—are tetrahedral. For instance, look at 
methane, which is CHa: 

H 


H u 

H 
Ammonia (NH3), which has three sigma bonds and a lone pair, however, is 
trigonal pyramidal: 


tetrahedral \V trigonal pyramid 


electronic bonding molecular 
geometry pairs geometry 


Water (H20) has two lone pairs and its molecular geometry is “bent,” which 
is also called V shaped: 


tetrahedral bent or V-shaped 
electronic bonding molecular 
geometry pairs geometry 


So as you can see, lone pairs have more repulsive force than do shared 
electron pairs, and thus they force the shared pairs to squeeze more closely 
together. 
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As a final note, you may remember that we mentioned before that only 
elements with a principal energy level of 3 or higher can expand their 
valence and violate the octet rule. This is because d electrons are necessary 
to make possible bonding to a fifth or sixth atom. In XeF,, there are two lone 
pairs and four shared pairs surrounding Xe, and two possible arrangements 
exist: 


lone 


r F F 
E E axial 
90° (seesaw) 
( F F 
F F 


E F F F 
MOL equatorial 
F : F F F (square planar} 


In the axial arrangement, shared pairs are situated “top and bottom.” In the 
equatorial arrangement, shared pairs surround Xe. The equatorial 
arrangement is more stable since the lone pairs are 180° apart and this 
minimizes their repulsion. In both molecular arrangements, the electronic 
geometry is octahedral, with 90° angles. The top figure has a molecular 
geometry known as “seesaw,” while the bottom figure has a molecular 
geometry that is more stable, known as square planar. 


Example 
Draw the dot formula for SeF, and determine the hybridization at Se. 
Explanation 


First determine the number of valence electrons this molecule has: SeF, has 
6 + 4(7) = 34 valence electrons, which is equal to 17 pairs of electrons. 


'F— Se— F: 
AE Na 
F, 


Selenium is surrounded by four fluorines and a lone pair of electrons. That’s 
five sites of electron density, which translates into sp*d hybridization. Se is 
from the fourth period, so it may have an expanded octet. 
So, to recap, focus on the number of binding “sites” or areas of concentrated 
electron density: 
Two areas of electron density: linear, planar molecule 
—Be— we Ci- Be- Cl cl—@3—c 

180 180 
Three areas of electron density: trigonal planar molecule 
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Four areas of electron density: tetrahedral molecule 
H 


H-C-H oo | 
4 j r$ & 
| & 


H 
Five areas of electron density: trigonal bipyramidal molecule 


Molecular Polarity 


In chemical bonds, polarity refers to an uneven distribution of electron pairs 
between the two bonded atoms—in this case, one of the atoms is slightly 
more negative than the other. But molecules can be polar too, and when they 
are polar, they are called dipoles. Dipoles are molecules that have a slightly 
positive charge on one end and a slightly negative charge on the other. Look 
at the water molecule. The two lone electron pairs on the oxygen atom 
establish a negative pole on this bent molecule, while the bound hydrogen 
atoms constitute a positive pole. In fact, this polarity of water accounts for 
most of water’s unique physical properties. However, molecules can also 
contain polar bonds and not be polar. Carbon dioxide is a perfect example. 
Both of the C—O bonds in carbon dioxide are polar, but they’re oriented such 
that they cancel each other out, and the molecule itself is not polar. 
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Valence Bond Theory 


Another topic that you’ll need to be familiar with for the SAT II Chemistry 
test is that of valence bond theory. By now, you are aware that two atoms 
will form a bond when there is orbital overlap between them, and a 
maximum of two electrons can be present in the overlapping orbitals. 

Since the pair of electrons is attracted to both atomic nuclei, a bond is 
formed, and as the extent of overlap increases, the strength of the bond 
increases. The electronic energy drops as the atoms approach each other, 
but it begins to increase again when they become too close. This means there 
is an optimum distance, the observed bond distance, at which the total 
energy is ata minimum. 

Let’s delve a little more deeply into sigma bonds now and describe them in 
more detail. As you know, sigma (s) bonds are single bonds. They result from 
the overlap of two s orbitals, an s and a p orbital, or two head-to-head p 
orbitals. The electron density of a sigma bond is greatest along the axis of 
the bond. Maximum overlap forms the strongest-possible sigma bond, and 
the two atoms will arrange themselves to give the greatest-possible orbital 
overlap. This is tricky with p orbitals since they are directional along the x, y, 
and z axes. 

Hybrid orbitals result from a blending of atomic orbitals (in other words, s 
and p orbitals) to create orbitals that have energy that’s in between the 
energy of the lone orbitals. Look at the methane molecule, for example: all 
four of the C—H bonds are 109.52 apart, while nonbonded p orbitals are only 


902 apart. 
G] ls and 2p orbitals filled @ tetrahedral arrangement. 
2) orbitals hybridized 
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The orbitals shown at the left of the figure are for a nonbonded carbon atom, 
but once the carbon atom begins to bond with other atoms (in this case 


hydrogen), the atomic orbitals hybridize, and this changes their shape 
considerably. Notice how the first set of figures form the sp’ atomic orbital, 
the hybrid, and this leads to further hybridization. 


Ammonia also has sp? hybridization, even though it has a lone pair. 
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Multiple Bonding 


Now let’s look more closely at pi bonds. As we mentioned earlier in this 
chapter, pi (p) bonds result from the sideways overlap of p orbitals, and pi 
orbitals are defined by the region above and below an imaginary line 
connecting the nuclei of the two atoms. Keep in mind that pi bonds never 
occur unless a sigma bond has formed first, and they may form only if 
unhybridized p orbitals remain on the bonded atoms. Also, they occur when 
sp or sp? hybridization is present on central atom but not sp? hybridization. 
Below, we show the formation of a set of sp* orbitals. This molecule would 
contain a double bond, like ethene. Notice again how the first set of figures 
form the sp* atomic orbital, the hybrid, and the last figure shows full 
hybridization: 

mB 1s and one 2p orbital filled D linear arrangement 
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The set of p orbitals that are unhybridized are not shown in this depiction: 
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A different view, which doesn’t show the hydrogens and centers on the C 
atoms, shows the unhybridized p orbitals that create the sideways overlap 
that’s necessary to create the double pi bond: 
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Here’s how it looks with all the pieces put together: 
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Here is a table summarizing hybridization and structure: 


effective |hybridizati geometry 


pairs 


linear 


trigonal planar 


tetrahedral 


trigonal 
bipyramidal 


Practice Questions 


1. An element consists of three isotopes in the relative abundance given 
below. What is the atomic mass of this element? 


30.00% = 40.00 amu 
50.00% = 41.00 amu 
20.00% = 42.00 amu 


(A) 40.90 
(B) 41.00 
(C) 41.90 
(D) 42.20 
(E) 42.90 


2. The total number of electrons that can be accommodated in the fourth 
principal energy level is 


(A) 2 


(B) 8 

(C) 18 
(D) 32 
(E) 50 


3. If the set of quantum numbers n = 3, J= 1, m, = 0, m, = A+1/2 
represents the last electron to be added to complete the ground state 
electron configuration of an element, which one of the following could be 
the symbol for the element? 


(A) Na 
(B) Si 
(C) Th 
(D) V 

(E) Zn 


4. Which element has the following electron configuration? 
1 s°25°2 p°3s*3 p°4s°3 dt 
(A) Cr 


(B) Mn 
(C) Mo 
(D) S 

(E) Se 


. Complete the balanced equation below. The missing term is 


“C— “"Be+? 


(D) oY 
(E) of 


. Oxygen-15 has a half-life of 9.98 minutes. How much of a 20.0 g sample 
of oxygen-15 remains after 60.0 minutes? 


(A) 0.156 g 
(B) 0.312 g 
(C) 0.625 g 
(D) 1.25 g 
(E) 2.50 g 


. Which of the following atoms would have the largest second ionization 


energy? 
(A) Mg 
(B) Cl 
(C) S 
(D) Ca 
(E) Na 


Statement I Statement II 


. Hydrogen has a lower BECAUSE Hydrogen bonds with halogens 


ionization energy than does 


9. 


10 


11 


12 


13 


helium. to form polar covalent bonds. 


Order the elements S, Cl, and F in terms of increasing atomic radii. 


(A) S, Cl, F 


(B) Cl, F, S 

(C) F, S, Cl 

(D) F, Cl, S 

(E) S, F, Cl 

Statement I Statement II 

The second ionization BECAUSE The second electron to be removed 

energy of B is higher from B and Be comes from the same 
than that of Be. principal energy level. 

Oxygen has a smaller BECAUSE Oxygen has a higher Zee value than 

first ionization energy does fluorine. 


than fluorine. 


Removing an electron from sodium is an process and removing an 


electron from fluorine isan | process. 
(A) Endothermic, exothermic 

(B) Exothermic, endothermic 

(C) Endothermic, endothermic 

(D) Exothermic, exothermic 


(E) More information is needed 


Which numbered response lists all the molecules below that exhibit 
resonance and none that do not? 
I. AsF; 
Il. HNO; 
III. SO2 


14 


15 


16 


17 


(A) I only 

(B) II only 

(C) II and III 
(D) III and IV 
(E) I, Il, and III 


The sulfur hexafluoride molecule is nonpolar and contains no lone 


(unshared) electron pairs on the sulfur atom. Which answer choice lists 


all of the bond angles contained in sulfur hexafluoride? 


(A) 120A2 

(B) 180A2 

(C) 90A2 and 180A2 

(D) 90A2, 120A2, and 180A2 
(E) 109.5A2 


Statement I 


Molecules that containa BECAUSE 
polar bond are not 

necessarily polar 

compounds. 


The NH; molecule is BECAUSE 
more polar than the NF; 


molecule. 


Statement II 


If polar bonds in a molecule are 
symmetrically arranged, then their 
polarities will cancel and they will 
be nonpolar. 


Fluorine atoms are larger than 
hydrogen atoms. 


Which one of the following molecules is octahedral? 


(A) BeCl, 
(B) SeFs 
(C) BF; 
(D) PF; 
(E) CF, 


18 Which molecule is incorrectly matched with the molecular geometry? 


Molecule Molecular geometry 


(A) SFe octahedral 

(B) CH4 tetrahedral 

(C) SO3 trigonal planar 
(D) SeClu tetrahedral 

(E) PH; trigonal pyramidal 


Explanations 


There are two ways to get this answer, the hard way and the easy way. To solve this problem the hard way, 
first multiply the percent abundance by the atomic mass of a given isotope and then add the products 


together. You'll see that the hard way actually isn’t very hard: 


30.00% = 40.00 amu: 30% is 3 a 10%, right? So if 10% of 40 is 4, then 3 s 4 = 30% of 40, which is 
equal to 12 amu. 


50.00% = 41.00 amu, and 50% is ? /2 of 41, which is 20.5 amu. 


20.00% = 42.00 amu, and 20% = 2 a 10%, so 10% of 42 = 4.2, and 20% = 2 a 4.2, which is 8.4 amu. 
Now add those three numbers together to get your answer: 12 + 20.5 + 8.4 = 40.9 amu. But the easy way to 
get the answer is to guesstimate: 50% of the element exists as the 41.00 amu isotope. Now, 30% of the 
remaining element is the 40.00 amu isotope, and only 20% of the element exists as the 42.00 isotope. 
Therefore you can estimate that the average of these three amounts should be /ess than 41 since there is 


more of the lighter isotope. The only answer choice that’s less than 41 is A. 


The fourth principal energy level has four sublevels: s, p, d, and f. If the sublevel is completely filled, then s = 
2 electrons, p = 6 electrons, d = 10 electrons, and f= 14 electrons; thus 2 + 6 + 10 + 14 = 32 total 


electrons for a full fourth principal energy level. 


The set of quantum numbers given was n = 3, /= 1, m, = 0, m; = +1/2. If n = 3, this means that it’s a third 
energy level electron; if /= 1, then it’s a p-sublevel electron; if m, = 0, then it’s in the middle position of the 
set of three p orbitals. The only tricky thing is that m, = + or - 1/2. This means it’s either a ø or a ø electron. 
However, if it were ø, then one of the answer choices would be argon (a noble gas), but it isn’t listed, so it 


must be the ø, which makes silicon the correct answer. 


The configuration given is 15°25?2p°3s°3p°3d*4s*. The 3a" is the important part—it means the element we 
desire is in the first row of the d-block elements and is the fourth element in that block, so it is Cr, or 


chromium. 


The mass number and atomic number must be equal on both sides of the equation in order for the equation 
to be properly balanced. We are looking for a component that has a mass number of 4 and an atomic number 
‘He 


of 2: helium. This is an example of alpha decay, and the answer is C, 


The complete equation is: 


"C —> iHe + “Be 


This problem is easily solved without a calculator, especially if you’ve been practicing your math skills. The 
half-life is given as 9.98 minutes, which is mighty close to 10 minutes. The total time is given as 60.0 
minutes, so the sample undergoes six half-lives. Start with this mass and keep cutting it in half; each 10- 
minute half-life should be represented with an arrow, and you can even put numbers under each arrow if you 


want, in order to keep track. 


— —> 
20.0 10.0 5.0 2.5 1.25 0.625 0.3125, which is B. 


This question asks about the second ionization energy. Remember that the second ionization energy of any 
element is always larger than its first ionization energy. The second ionization energy is significantly larger if 
the second electron comes from a completed sublevel or principal energy level. Na’s first electron removed is 
3st, while the second to be removed comes from 2p°. There is a huge increase in the amount of energy 


needed to remove that second electron because of the change in principal energy levels. 
8. T,T 


(Do not fill in CE, for “correct explanation.”) Remember this type of question? We told you about it in the first 
part of the book. Here we go: statement | is true: hydrogen has a lower IE than helium. The electron removed 
in each case is from the 1s sublevel, so Zer becomes very important: H has a Ze of 1, while He has a Ze of 2. 
He attracts its electrons with more force; thus it requires more energy to remove them. Statement II is also 
true: The halogens are highly electronegative and form polar bonds with hydrogen. However, is statement II 


the correct explanation for why statement I is true? No, so you would not fill in the CE bubble. 


Remember, atomic radii decrease moving across a period from left to right. This is because protons are 
added to the nucleus and these protons attract the electrons more strongly, pulling them in tighter and 
decreasing the atomic radius. Atomic radius increases moving down a group or family, however, because the 
value of n increases as you add another shell, the electrons spend more time away from the nucleus, 
dissipating the attraction between nuclear protons and themselves. Since fluorine and chlorine are both in 
the same group but chlorine is below fluorine, we know that chlorine is bigger than fluorine. Sulfur is to the 
left of both chlorine and fluorine, so it must be the smallest of all. Arranged in order of increasing size, they 


are S, F, Cl, or answer E. 


10. T, T 


(Do not fill in CE.) In general, the ionization energy increases with increasing Ze, and the same is true for 
second ionization energies. B has a higher Z.4than does Be, and since the second ionization energy would be 
needed to remove protons from the same principal energy level, B’s higher Z.4 means that its second 


ionization energy would be higher than that of Be. 


11. F, F 


(Do not fill in CE.) While oxygen has a lower first ionization energy than nitrogen due to the p* anomaly, as 
you pass oxygen (going from left to right across the period), the trend of increasing ionization energy 
continues; the increased Ze#results in subsequent elements in the period (such as fluorine) having a higher 
ionization energy than oxygen. Oxygen does not have a higher Ze than that of fluorine, so the second 


statement is also false, and you would not fill in the CE oval. 


12. Cc 


It simply requires the input of energy to remove an electron from any type of atom. This is because energy 
must be put into the system in order to overcome the favorable attraction between the electron and the 
positively charged atomic nucleus. A reaction that must consume energy in order to proceed is known as 
endothermic, while a reaction that gives off energy is exothermic; both of these reactions are endothermic, 


and the answer is C. 


13. Cc 


Draw each structure using the rules for drawing Lewis dot structures. Remember that resonance structures 
refer to two or more Lewis structures that are equally good descriptions of a molecule. So, you’re looking for 
structures in which you found yourself placing one double bond arbitrarily between a pair of atoms that, 
elsewhere in the molecule, share only a single pair of atoms. You should also be looking for a combination of 


single and multiple bonds occurring between the central atom and a member of C, N, O, P, or S. 
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SF, has six bonding sites as seen by its Lewis structure, drawn below. It is octahedral. The four equatorial 
sites have F—S—F bond angles of 90°, while the two axial sites have F—S—F bond angles of 180°, so as you 


can see, choice C is the best answer. 


15. T, T, CE 


The first statement is true: not all molecules that contain a polar bond are themselves polar. And the second 
statement correctly explains why this is so: in order for a molecule to be polar, it must contain at least one 
polar bond or unshared pair of electrons that are not arranged symmetrically so as to cancel each other out. 


If they are arranged so that they do cancel each other out, the molecule will be nonpolar. 


16. T, T 


(Do not fill in CE.) While fluorine is indeed bigger than hydrogen, this is not the reason NH; is more polar than 
NF3. The true reason for this is that the three N—F bonds are more polar than the N—H bonds: the difference 
between the electronegativities of N and H are greater than that between N and F, so in NH3, the nitrogen 


attracts electrons much more strongly than do the hydrogens, and a significant dipole moment is created. 


17. B 


An octahedral geometry is produced from six bonding sites, spa’ hybridization, and an expanded octet. You 
know it cannot be BeCl2, BF3, or CF, since neither Be, B, nor C is from the third period or higher. SeFs and PFs 


are both possibilities. The Lewis structures for the remaining choices appear below: 


ee :F: 
F | we FL | 
BTN: k- =F 

F: :F: 


You can see that PF; has five bonding sites and is thus trigonal bipyramidal. SeFs has six bonding sites and is 


octahedral. 


18. D 


All of the Lewis structures appear below. Focus only on the positions of the nuclei—you can’t see the lone 


pairs, but they determine the molecular shape by their repulsions. 
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The States of Matter 


Now that you know a bit about chemical bonding, let’s talk about the 
different forms that groups of molecules can take. In other words, let’s talk 
about the states of matter. The states of matter that you’ll need to know for 
the SAT II Chemistry test are solid, liquid, and gas. 

You might wonder why there are different states of matter at all. After all, 
molecules only bond together in one way, right? The answer lies in the type 
of intramolecular and intermolecular forces that exist both within and 
between molecules of substances. 


solid liquid gas 


Intra- and Intermolecular Forces 


Whether a particular group of bonded molecules takes the form of a solid, 
liquid, or gas depends not only on the bonds that exist within each individual 
molecule, but also on the presence and type of bonds between molecules. 
Hark back to the different types of bonds we reviewed in the last chapter: 
ionic, covalent, and metallic. Of these, ionic bonds tend to be the strongest, 
and this means that substances that contain ionic bonds are solids at room 
temperature. Substances that are primarily made up of covalent bonds, 
which are weaker, can be solid or liquid, and their state will depend on the 
presence and type of intermolecular forces. 

The two main types of intermolecular forces that exist between molecules 
are dipole-dipole forces (including hydrogen bonds) and London dispersion 
forces. 


Dipole-Dipole Forces 


Dipole-dipole attractions take place when two or more neutral, polar 
molecules are oriented such that their positive (+) and negative (-) ends are 
close to each other. 


(CC) attraction 


repulsion 


Because of the attraction between unlike charges, this is a fairly strong type 
of intermolecular force, and molecules held together by dipole-dipole forces 
tend to be in the solid or liquid state. Also, for molecules that are about the 
same size and weight, the strength of the dipole-dipole forces increases as 
the degree of polarity increases. In other words, the more polar a molecule 
is, the stronger the dipole-dipole forces it will form with itself and other 
molecules. 

One very important and unique case of the dipole-dipole attraction is known 
as hydrogen bonding. Hydrogen bonds are not true bonds: they’re just 


strong attractive forces between the hydrogen on one molecule and a highly 
electronegative atom on a nearby molecule. 


H 


¢ 


Hydrogen bonds most commonly form between hydrogen atoms and fluorine, 
oxygen, or nitrogen. This type of intermolecular force is responsible for 
water’s unique characteristics, such as its high specific heat and boiling 
point temperature—but more about that later. 


London Dispersion Forces—Weak Intermolecular 


Forces 


London forces are relatively weak forces of attraction that exist between 
nonpolar molecules and noble gas atoms, like argon (a noble gas) and octane 
(a hydrocarbon; CsHis). These types of attractive forces are caused by a 
phenomenon known as instantaneous dipole formation. In this process, 
electron distribution in the individual molecules suddenly becomes 
asymmetrical, and the newly formed dipoles are now attracted to one 
another. 


(1) nonpolar + +) HSH HEH 
substance 
(2) instantaneous s 
dipole occurs 2. s HR 5 HÄH 
© other dipoles are 
induced nearby 2. À Ra 5 Uae Hae € 


causing weak 
attraction between 
molecules 


The ease with which the electron cloud of an atom can be distorted to 
become asymmetrical is called the molecule’s polarizability. Think of this as 
a probability issue. The greater the number of electrons an electron has, the 
farther they will be from the nucleus, and the greater the chance for them to 
shift positions within the molecule. This means that larger nonpolar 
molecules tend to have stronger London dispersion forces. This is evident 
when you look at the diatomic elements in group 7, the halogens. All of these 
diatomic elements are nonpolar, covalently bonded molecules. Now, going 
down the group, fluorine and chlorine are gases, bromine is a liquid, and 
iodine is a solid! For nonpolar molecules, the farther you go down the group, 
the stronger the London dispersion forces. 


Solids 


As we mentioned above, the molecules that make up solids are generally held 
together by ionic or strong covalent bonding, and the attractive forces 
between the atoms, ions, or molecules in solids are very strong. In fact, these 
forces are so strong that particles in a solid are held in fixed positions and 
have very little freedom of movement. Solids have definite shapes and 
definite volumes and are not compressible to any extent. There are a few 
types of solids that you should be familiar with for the SAT II Chemistry test, 
and we’ve listed them below. However, we will start by saying that there are 
two main categories of solids—crystalline solids and amorphous solids. 
Crystalline solids are those in which the atoms, ions, or molecules that 
make up the solid exist in a regular, well-defined arrangement. The smallest 
repeating pattern of crystalline solids is known as the unit cell, and unit 
cells are like bricks in a wall—they are all identical and repeating. The other 
main type of solids are called the amorphous solids. Amorphous solids do 
not have much order in their structures. Though their molecules are close 
together and have little freedom to move, they are not arranged in a regular 
order as are those in crystalline solids. Common examples of this type of 
solid are glass and plastics. 

There are four types of crystalline solids, all of which you should be familiar 
with for the exam. 

Ionic solids—Made up of positive and negative ions and held together by 
electrostatic attractions. They’re characterized by very high melting points 
and brittleness and are poor conductors in the solid state. An example of an 
ionic solid is table salt, NaCl. 

Molecular solids—Made up of atoms or molecules held together by London 
dispersion forces, dipole-dipole forces, or hydrogen bonds. Characterized by 
low melting points and flexibility and are poor conductors. An example of a 
molecular solid is sucrose. 

Covalent-network (also called atomic) solids—Made up of atoms 
connected by covalent bonds; the intermolecular forces are covalent bonds 
as well. Characterized as being very hard with very high melting points and 
being poor conductors. Examples of this type of solid are diamond and 
graphite, and the fullerenes. As you can see below, graphite has only 2-D 
hexagonal structure and therefore is not hard like diamond. The sheets of 
graphite are held together by only weak London forces! 


Diamond Graphite 


Metallic solids—Made up of metal atoms that are held together by metallic 
bonds. Characterized by high melting points, can range from soft and 
malleable to very hard, and are good conductors of electricity. 


Liquids 

Liquids are generally made up of molecules that contain covalent bonds and 
have strong intermolecular attractive forces. The atoms and molecules that 
make up liquids have more freedom of movement than do those in solids. 
Also, liquids have no definite shape but do have a definite volume, and they 


are not easily compressible. We will discuss liquids in more detail in the 
section on solutions in this chapter. 


Gases 


Gases generally consist of atoms and molecules that are covalently bonded, 
and their intermolecular forces are very weak. The molecules of a gas are 
highly separated, so we say that gases are mostly empty space. A gas has no 
definite shape—it will take the shape of the container that holds it, and gases 
are easily compressible. 


Phase Changes 


In order for a substance to move between the states of matter; for example, 
to turn from a solid into a liquid, which is called fusion, or from a gas toa 
liquid (vaporization), energy must be gained or lost. The heat of fusion 
(symbolized Hus) of a substance is the amount of energy that must be put 
into the substance for it to melt. For example, the heat of fusion of water is 
6.01 kJ/mol, or in other terms, 80 cal/g. The heat of vaporization, not 
surprisingly, is the amount of energy needed to cause the transition from 
liquid to gas, and it is symbolized Hva. You will not be required to memorize 
heat of fusion or vaporization values for the exam. 

Changes in the states of matter are often shown on phase diagrams, and you 
will probably see at least one of two different types of phase diagrams on the 
SAT II Chemistry exam. Let’s start with the phase diagram for water. The 


phase diagram for water is a graph of pressure versus temperature. Each of 
the lines on the graph represents an equilibrium position, at which the 
substance is present in two states at once. For example, anywhere along the 
line that separates ice and water, melting and freezing are occurring 
simultaneously. 
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The intersection of all three lines is known as the triple point (represented 
by a dot and a Ton the figure). At this point, all three phases of matter are in 
equilibrium with each other. Point X represents the critical point, and at 
the critical point and beyond, the substance is forever in the vapor phase. 
This diagram allows us to explain strange phenomena, such as why water 
boils at a lower temperature at higher altitudes, for example. At higher 
altitudes, the air pressure is lower, and this means that water can reach the 
boiling point at a lower temperature. Interestingly enough, water would boil 
at room temperature if the pressure was low enough! 

One final note: If we put a liquid into a closed container, the evaporation of 
the liquid will cause an initial increase in the total pressure of the system, 
and then the pressure of the system will become a constant. The value of this 
final pressure is unique to each liquid and is known as the liquid’s vapor 
pressure. Water has a relatively low vapor pressure because it takes a lot of 
energy to break the hydrogen bonds so that molecules enter the gas phase. 
Water and other liquids that have low vapor pressures are said to be 
nonvolatile. Substances like rubbing alcohol and gasoline, which have 
relatively high vapor pressures, are said to be volatile. 


Example 


What happens to water when the pressure remains constant at 1 atm but the 
temperature changes from -102C to 752C? 


Explanation 


Looking at the phase change diagram for water and following the dashed line 
at 1 atm, you can see that water would begin as a solid (ice) and melt at 0°C. 


All of the water would be in liquid form by the time the temperature reached 
752C. 

The second type of phase change graph you might see on the SAT II 
Chemistry exam is called a heating curve. This is a graph of the change in 
temperature of a substance as energy is added in the form of heat. The 
pressure of the system is assumed to be held constant, at normal pressure (1 
atm). As you can see from the graph below, at normal pressure water freezes 
at 0°C and boils at 100°C. 
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phase change diagram for water heat added 


The plateaus on this diagram represent the points where water is being 
converted from one phase to another; at these stages the temperature 
remains constant since all the heat energy added is being used to break the 
attractions between the water molecules. 


Specific Heat 


On the SAT II Chemistry test, you might see a diagram that looks something 
like this one, and you might come across a question that asks you to 
calculate the amount of energy needed to take a particular substance 
through a phase change. This would be one of the most difficult questions on 
the exam, but you might see something like it, or at least part of it. If you 
were asked to do this, you would need to use the following equation: 

energy (in calories) = mC,DT 
where m = the mass of the substance (in grams) 
Cp = the specific heat of the substance (in cal/g °C) 
DT = the change in temperature of the substance (in either Kelvins or °C, 
but make sure all your units are compatible!) 
As you can see, this requires that you know the specific heat of the 
substance. A substance’s specific heat refers to the heat required to raise 
the temperature of 1 g of a substance by 1°C. You will not be required to 
remember any specific heat values for the exam. 
Work through the example below to get a feel for how to use this equation. 


Example 


If you had a 10.0 g piece of ice at -102C, under constant pressure of 1 atm, 
how much energy would be needed to melt this ice and raise the temperature 
to 25.0°C? 


Explanation 


First, the temperature of the ice would need to be raised from -10°C to O02C. 
This would require the following calculation. The specific heat for ice is 
0.485 cal/g °C. Substituting in the formula 
energy = mC,D7; energy = (10.0 g) (0.485 cal/g 2C) (10.02C) = 48.5 cal 
So 48.5 calories are needed to raise temperature. 
Next, we must calculate the heat of fusion of this ice: we must determine 
how much energy is needed to completely melt the 10 g of it. 
energy = MHus 
energy = (10.0 g) (80 cal/g) = 800 cal 
So 800 cal of energy are needed to completely melt this sample of ice. 
Next, we need to see how much energy would be needed to raise the 
temperature of water from O0°C to 25°C. The specific heat for liquid water is 
1.00 cal/g °C. So again use 
energy = mC,DTto get energy = (10.0 g) (1.00 cal/g 2C) (25.02C) = 250 cal 
Finally, add together all of the energies to get the total: 48.5 + 800 + 250 = 
about 1100 calories are needed to convert the ice to water at these given 
temperatures. 


The Gas Laws 


Ideal Gases 


You will definitely see some questions on gases and the laws that govern 
them on the SAT II Chemistry exam. All of the gas laws rely on some basic 
assumptions that are made about gases, and together they constitute what it 
means for a gas to be in an ideal state. In an ideal state 
1. All gas particles are in constant, random motion. 
2. All collisions between gas particles are perfectly elastic (meaning that 
the kinetic energy of the system is conserved). 
3. The volume of the gas molecules in a gas is negligible. 
Gases have no intermolecular attractive or repulsive forces. 
5. The average kinetic energy of the gas is directly proportional to its 
Kelvin temperature and is the same for all gases at a specified 
temperature. 


e 


Only four measurable properties are used to describe a gas: its quantity, 
temperature, volume, and pressure. The quantity (amount) of the gas is 
usually expressed in moles (n). The temperature, T, of gases must always be 
converted to the Kelvin temperature scale (the absolute temperature scale). 
The volume, V, of a gas is usually given in liters. Finally, the pressure, P, ofa 


gas is usually expressed in atmospheres. Gases are often discussed in terms 
of standard temperature and pressure (STP), which means 273K (or 02C) 
and 1 atm. 


Example 


Which of the following statements is not true of ideal gases? 

1. The volume occupied by gas particles is only significant at very low 
pressures. 

2. Gas molecules occupy an insignificant volume compared to the volume 
of the container that holds them. 

3. The particles of a gas move in random straight line paths until a 
collision occurs. 

4. The collisions that occur between gas particles are considered elastic. 

5. Ata given temperature, all gas molecules within a sample possess the 
same average kinetic energy. 


Explanation 


In this example, choice 1 is incorrect. Choices 2, 3, 4, and 5 all describe an 
ideal gas. Choice 1 makes an incorrect assumption: it begins with a true 
statement about volume not being very significant but then turns around and 
gives the incorrect scenario—if the pressure is low, then gas particles 
undergo very few collisions, so the volume is insignificant. The volume only 
becomes significant if gas particles collide often, increasing the chances that 
intermolecular forces will hold them together. 


Measuring the Pressure of a Gas 


Gas pressure is a gauge of the number and force of collisions between gas 
particles and the walls of the container that holds them. The SI unit for 
pressure is the pascal (Pa), but other pressure terms include atmospheres 
(atms), millimeters of mercury (mmHg), and torr. The following is a list 
of all of the standard pressure in every unit for pressure. Memorize these for 
the exam so you can convert units where necessary: 
760 mmHg 
760 torr 
1.00 atm 
101,325 Pa 
101.325 kPa 
The piece of lab equipment specifically designed to measure the pressure of 
gases is known as the barometer. A barometer uses the height of a column 
of mercury to measure gas pressure in millimeters of mercury or torr (1 
mmHg = 1 torr). The mercury is pushed up the tube from the dish until the 
pressure at the bottom of the tube (due to the mass of the mercury) is 
balanced by the atmospheric pressure. 
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When using a barometer, you calculate gas pressure with the following 
equation: 

Gas pressure = atmospheric pressure - A (height of the mercury) 
The open-tube manometer is another device that can be used to measure 
pressure. The open-tube manometer is used to measure the pressure of a gas 
in a container. 


atmospheric atmospheric 
pressure (P,,,,) pressure (Pitm) 
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gas > K 
Pras = Patm — A Pras = Patm + A 
The pressure of the gas is given by A (the difference in mercury levels) in 
units of torr or mmHg. Atmospheric pressure pushes on the mercury from 
one direction, and the gas in the container pushes from the other direction. 
In a manometer, since the gas in the bulb is pushing more than the 
atmospheric pressure, you add the atmospheric pressure to the height 
difference: 


gas pressure = atmospheric pressure + h 
There is one other possibility for a manometer question that could appear on 
the SAT II Chemistry test: they could ask you about a closed-tube 
manometer. Closed-tube manometers look similar to regular manometers 
except that the end that’s open to the atmospheric pressure in a regular 
manometer is sealed and contains a vacuum. In these systems, the difference 
in mercury levels (in mmHg) is equal to the pressure in torr. 


Boyle’s Law 


This is the first of the five-odd gas laws you'll need to know for the SAT II 
Chemistry test. Study these laws closely because you are sure to see a 
question or two that asks you to apply them. 
Boyle’s law simply states that the volume of a confined gas at a fixed 
temperature is inversely proportional to the pressure exerted on the gas. 
This can also be expressed as PV = a constant. This makes sense if you think 
of a balloon. When the pressure around a balloon increases, the volume of 
the balloon decreases, and likewise, when you decrease the pressure around 
a balloon, its volume will increase. 
Boyle’s law to can also be expressed in the following way, and this is the 
form of the law that you should memorize: 

P.V = PV 


Example 


Sulfur dioxide (SO2) gas is a component of car exhaust and power plant 
discharge, and it plays a major role in the formation of acid rain. Consider a 
3.0 L sample of gaseous SO, at a pressure of 1.0 atm. If the pressure is 
changed to 1.5 atm at a constant temperature, what will be the new volume 
of the gas? 


Explanation 


If P, Vı = P-V, then (1.0 atm) (3.0 L) = (1.5 atm) (Va), so V2 = 2.0 L. This 
answer makes sense according to Boyle’s law—as the pressure of the system 
increases, the volume should decrease. 


Charles’s Law 


Charles’s law states that if a given quantity of gas is held at a constant 
pressure, its volume is directly proportional to the absolute temperature. 
Think of it this way. As the temperature of the gas increases, the gas 
molecules will begin to move around more quickly and hit the walls of their 
container with more force—thus the volume will increase. Keep in mind that 
you must use only the Kelvin temperature scale when working with 
temperature in all gas law formulas! Here’s the expression of Charles’s law 
that you should memorize: 


Try using Charles’s law to solve the following problem. 


Example 


A sample of gas at 15°C and 1 atm has a volume of 2.50 L. What volume will 
this gas occupy at 302C and 1 atm? 


Explanation 


The pressure remains the same, while the volume and temperature change— 
this is the hallmark of a Charles’s law question. 
Vi V, 


So, T, T; , then 2.50 L/288K = V2/303K, and V2 = 2.63 L 

This makes sense—the temperature is increasing slightly, so the volume 
should increase slightly. Be careful of questions like this—it’s tempting to 
just use the Celsius temperature, but you must first convert to Kelvin 


temperature (by adding 273) to get the correct relationships! 
Avogadro’s Law 


The volume of a gas at a given temperature and pressure is directly 
proportional to the quantity of the gas. Avogadro’s hypothesis comes directly 
from this relationship, and you should definitely remember the following 
statement (which is an extrapolation of the above idea) for the SAT II 
Chemistry test: Equal volumes of gases under the same conditions of 
temperature and pressure contain equal numbers of molecules. Avogadro’s 
law, which is derived from this basic idea, says that the volume of a gas 
maintained at constant temperature and pressure is directly proportional to 
the number of moles of the gas, or 


V= constant * n (where nis the number of moles of the gas) 


The Ideal Gas Law 


The ideal gas law is the most important gas law for you to know: it combines 
all of the laws you learned about in this chapter thus far, under a set of 
standard conditions. The four conditions used to describe a gas—pressure, 
volume, temperature, and number of moles (quantity)—are all related, along 
with R, the universal gas law constant, in the following formula: 

PV= nRT 
where P = pressure (atm), V = volume (L), n = number of moles (mol), R = 
0.08206 L- atm/mol - K, and T = temperature (K). 
Now try an example using the ideal gas law equation. 


Example 


A 16.0 g sample of methane gas, CH,, the gas used in chemistry lab, has a 
volume of 5.0 L at 272C. Calculate the pressure. 


Explanation 


Looking at all the information given, you have a mass, a volume, and a 
temperature, and you need to find the pressure of the system. As always, 
start by checking your units. You must first convert 16.0 g of CH, into moles: 
16.0 g CH, * 1 mol CH,/16.0 g CH, = 1 mol of methane. The volume is in 
the correct units, but you must convert the temperature into Kelvins: 27 + 
273 = 300K. Now you’re ready to plug these numbers into the ideal gas law 
equation: 
PV = nRT 

(P) (5.0 L) = (1.0 mol) (0.0821 L ` atm/mol ` K) (300K), so P= 4.9 atm 
Don’t let the math scare you. Remember that your test will be all multiple 
choice. You may be asked for proper setup, or at least you will have answers 
to choose from, and you won’t have to do these lengthy calculations without 
a calculator. These examples are only meant to give you practice using the 
gas law equations. 


Density of Gases 


Since gases are mostly empty space, the densities of gases are reported in 
g/L, not g/mL as found for solids and liquids. As you’re probably aware, 
density is equal to mass per unit of volume. To calculate the density of a gas 
at standard temperature and pressure, you take the molecular formula 
weight of the gas (grams per mole—from the periodic table) and divide that 
by the standard molar volume for a gas, which is 22.4 L per mole: 

FW 


Density = — 
. 22.4 


where the formula weight (FW) is in g/mol, and the standard molar volume is 
22.4 L/mol. Now try using this in a problem. 

Example 

What is the density of helium gas at STP? 


Explanation 

FW 
If the density of the gas is equal to 22.4 , then d = 4.00 g/mol [| 22.4 L/mol, so 
the density = 0.179 g/L. 
If conditions are not standard, we can use this expanded version of the ideal 
gas equation: 


aM PUM 
V RI 


Another really handy rearrangement of the ideal gas equation can be used to 
mw = IRT 

find the molecular weight of an unknown gas P . You'll get a chance 

to practice using these in the problems at the end of the chapter. However, 

there is no need to memorize these last equations since they are all 

rearrangements of the ideal gas law. Okay, two more important laws and 

then we’re finished with our discussion of gases, and we move on to 


solutions. 


Dalton’s Law of Partial Pressures 


Dalton’s law states that the pressure of a mixture of gases is the sum of the 
pressures that each of the individual gases would exert if it were alone: 
Pota = Py + Po +... Ph 


Graham’s Law of Diffusion and Effusion 


Graham’s law states that the rates of effusion of two gases are inversely 
proportional to the square roots of their molar masses at the same 
temperature and pressure: 
Rate of effusion of gas I _ l 
Rate of effusion of gas 2 FW, 
Effusion is the term used to describe the passage of a gas through a tiny 
orifice into an evacuated chamber, as shown in the figure below. 


ex 
> Fi 
. F. 


pinhole 


4 


vacuum 


The rate of effusion measures the speed at which the gas travels through 
the tiny hole into a vacuum. Another term to remember for the test is 
diffusion. Diffusion is the term used to describe the spread of a gas 
throughout a space or throughout a second substance. 


Solutions 


This section will focus on what you need to know about solutions, solution 
concentrations, and colligative properties in order to be successful on the 


SAT II Chemistry test. This material is closely tied in with the material from 
the first half of this chapter and “The Structure of Matter.” 


Properties of Solutions 


A solution is a homogenous mixture of two or more substances that exist in 
a single phase. There are two main parts to any solution. The solute is the 
component of a solution that is dissolved in the solvent; it is usually present 
in a smaller amount than the solvent. The solvent is the component into 
which the solute is dissolved, and it is usually present in greater 
concentration. For example, in a solution of salt water, salt is the solute and 
water is the solvent. In solutions where water is the solvent, the solution is 
referred to as an aqueous solution. 

A solution does not have to involve liquids. For instance, air is a solution that 
consists of nitrogen, oxygen, carbon dioxide, and other trace gases, and 
solder is a solution of lead and tin. The general rule of thumb for solutions is 
the idea that like dissolves like. Polar, ionic substances are soluble in polar 
solvents, while nonpolar solutes are soluble in nonpolar solvents. For 
example, alcohol and water, which are both polar, can form a solution and 
iodine and carbon tetrachloride, which are both nonpolar, make a solution. 
However, iodine will not readily dissolve in polar water. 

In a solution, the particles are really small—anywhere from 0 to 100 nm. 
They never settle on standing, they cannot be separated by filtering, and 
light will pass through a solution unchanged. One type of mixture that is not 
a solution is known as the colloid. In a colloid, particles are between 100 
and 1000 nm in size—still too small for our eyes to distinguish, but particles 
this small will not settle. As is the case in solutions, the particles cannot be 
filtered, but they do scatter light. Some examples of colloids include gelatin, 
fog, smoke, and shaving cream. Another type of mixture that is not 
considered a solution is known as a suspension. Suspensions have much 
larger particles: usually over 1000 nm. Particles in a suspension will settle on 
standing, can often be separated by a filter, and may scatter light, but they 
are usually not transparent. Some examples of suspensions are muddy water, 
paint, and some medicines, like Pepto-Bismol. 

The Solution Process 

In order for a solute to be dissolved in a solvent, the attractive forces 
between the solute and solvent particles must be great enough to overcome 
the attractive forces within the pure solvent and pure solute. The solute and 
the solvent molecules in a solution are expanded compared to their position 
within the pure substances. 
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expanded solvent solution 


AH, + AH; + AHs = AH... 
The process of expansion, for both the solute and solvent, involves a change 
in the energy of the system: this process can be either exothermic or 
endothermic. After dissolving, the solute is said to be fully solvated (usually 
by dipole-dipole or ion-dipole forces), and when the solvent is water, the 
solute is said to be hydrated. The separation of the solute particles from one 
another prior to dissolving is an endothermic process for both solvent and 
solute (steps 1 and 2), but when the solute and solvent combine with each 
other, this is an exothermic process (step 3). If the energy released in step 3 
is greater than the energy absorbed in steps 1 and 2, the solution forms and 
is stable. 
The term solubility refers to the maximum amount of material that will 
dissolve in a given amount of solvent at a given temperature to produce a 
stable solution. By looking at the plot of solubilities below, you can see that 
most solids increase in solubility with an increase in temperature. 
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Gases, however, decrease in solubility with an increase in temperature. 
Degrees of Saturation 
When referring to solutions, there are three degrees of saturation— 
unsaturated, saturated, and supersaturated. If a solution is unsaturated, the 
solvent is capable of dissolving more solute. When the solution is saturated, 
the solvent has dissolved the maximum amount of solute that it can at the 
given temperature. At this point we say that the solution is in a state of 
dynamic equilibrium—the processes of dissolving and precipitation are 
happening at the same rate. A supersaturated solution is one in which the 
solvent contains more solute than it can theoretically hold at a given 
temperature. Supersaturated solutions are often formed by heating a 
solution and dissolving more solute, then cooling the solution down slowly. 
These solutions are unstable and crystallize readily. 
Concentration Terms 
Solutions are often referred to as being concentrated or dilute. These two 
terms are very general. While concentrated indicates that there is a lot of 
solute dissolved in the solvent (perhaps the solution is near to being 
saturated) and dilute indicates that a small amount of solute is dissolved in 
the solvent, we often need to be exact with quantities in chemistry. The units 
of concentration that you should be familiar with for the SAT II exam are 
reviewed below. 


Molarity (M) 


moles of solute 

liters of solution 
The molarity of a solution is a measure of the number of moles of solute per 
liter of solution. This is the most common concentration unit used in 
chemistry. For instance, you might see an expression that looks like this: 


[NaCl] = 0.75 
which means that 0.75 mole of NaCl is dissolved per 1.00 L of solution. The 
brackets around the number indicate that the concentration is expressed in 
terms of molarity. Let’s now run through how you calculate the molarity of a 
solution. 


Example 


Calculate the molarity of a solution prepared by dissolving 20.0 g of solid 
NaOH in enough water to make 100 mL of solution. 


Explanation 


Convert grams to moles: 
20.0 g NaOH 


—_ 2 = 0.500 mol NaOH 
40,0 g/mol NaOH 


Then convert mL to liters: 
100 mL 


—— = 0.100 L solution 
1000 mL/L 


Then divide: 


0.500 mol _ 5 09 M NaOH 
0.100 L 


Dilution 
Dilution is the process of taking a more concentrated solution and adding 
water to make it less concentrated. The more concentrated solution before 
the dilution is performed is known as the stock solution. You can relate the 
concentration of the stock solution to the concentration of the diluted 
solution using the equation below: 

MV, = MV2 
where M is molarity and Vis the volume, in liters, of the solution. Try the 
following example using this equation. 


Example 


What volume of 6.0 M sulfuric acid (H2SO,) must be used to prepare 2.0 L of 
a 0.10 M HS0, solution? 


Explanation 
Just plug the numbers into the formula! Be careful to read closely. 
MV = MV2 
(6.0 M) (V4) = (0.10 M) (2.0 L) 
v, = 0.033 L 


or 33 mL should be measured out and then diluted by adding enough water 
to make 2.00 L total volume. 

Mass Percent (Weight Percent) 

The mass percent of a solution is another way of expressing its 
concentration. Mass percent is found by dividing the mass of the solute by 


the mass of the solution and multiplying by 100; so a solution of NaOH that is 
28% NaOH by mass contains 28 g of NaOH for each 100 g of solution. Here’s 


the equation: 
grams of solute x 100 


M Ce FEE TTT, 
ass percen g of solute + g of solvent 


Now try a problem involving the equation: 


Example 


A solution is prepared by mixing 5.00 g ethanol (C2HsOH) with 100.0 g water. 
Calculate the mass percent of ethanol in this solution. 


Explanation 


Plugging the values we were given into the mass percent equation, we get: 


p = — 299 8 x100 = 4.76% ethanol 
100 ¢+5.00 g 


Molality (m) 
moles of solute 
kilograms of solven 


H = 


The molality of a solution is a measure of the number of moles of solute per 
kilogram of solvent. Whereas the molarity of a solution is dependent on the 
volume of the solution, the molality is dependent on the mass of the solvent 
in the solution. Do not get these confused, and when you see either term on 
the SAT II Chemistry test, double-check to make sure which one they’re 
talking about—the words look similar, too! Try an example: 


Example 


A solution is prepared by mixing 80.0 g of sodium hydroxide (NaOH) with 
500.0 g of water. Calculate the molality of this solution. 


Explanation 


Convert grams of solute to moles: 
80.0 g NaOH 


m = 2.00 mol 
40.0 g/mol NaOH 


Convert grams of solvent to kg: 
500.0 g 


—— = = 500 kg 
1000 g/kg a 
Divide: 
2.00 mol NaOH _ 4.00 m 
0.500 f 
Electrolytes 


Certain solutions are capable of conducting an electric current and these 
solutions are referred to as electrolytes. Generally speaking, we say that 
there are three classes of electrolytes (solutions that conduct a current): 
acids, bases, and salts. 


e Strong electrolytes consist of solutes that dissociate completely in 
solution. Strong acids, strong bases, and soluble salts are in this 
category. (We will discuss acids and bases in chapter 6.) 

e Nonelectrolytes are substances that are predominantly covalently 
bonded, generally will not produce ions in solution, and therefore are 
considered nonconductors. 

e Weak electrolytes consist of solutes that dissociate only a little in 
solution. Weak acids, weak bases, and slightly soluble salts are in this 
category. 


The greater the degree of dissociation of the solute, the greater the 
conductivity of the solution. Consider two acid solutions that have the same 
concentration—hydrochloric acid and acetic acid. Hydrochloric acid ionizes 
completely, while only about 2% of the acetic acid molecules ionize. Ifa 
conductivity apparatus were used to test the two solutions, HCl would 
conduct an electric current to a much greater degree because there is more 
available charge in solution. Below is a figure showing the ionization of 
barium chloride; as you can see, the Ba* and CI ions are floating free in 
solution, and this makes barium chloride an electrolyte. 
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Colligative Properties 

Properties of solutions that depend on the number of solute particles present 
per solvent molecule are called colligative properties. The concentration of 
solute in a solution can affect various physical properties of the solvent 
including its freezing point, boiling point, and vapor pressure. For the SAT II 
you will only need to be familiar with the first two. 

Freezing Point Depression 

The freezing point of a substance is defined as the temperature at which the 
vapor pressure of the solid and the liquid states of that substance are equal. 
If the vapor pressure of the liquid is lowered, the freezing point decreases. 
Why is a solution’s freezing point depressed below that of a pure solvent? 
The answer lies in the fact that molecules cluster in order to freeze. They 
must be attracted to one another and have a spot in which to cluster; if they 
act as a solvent, solute molecules get in the way and prevent them from 
clustering tightly together. The more ions in solution, the greater the effect 
on the freezing point. We can calculate the effect of these solute particles by 
using the following formula: 


Di= Kr * Mom * i 
where 
DT; = the change in freezing point 
Kr = molal freezing point depression constant for the substance (for water = 
1.862C/m) 
m = molality of the solution 
i= number of ions in solution (this is equal to 1 for covalent compounds and 
is equal to the number of ions in solution for ionic compounds) 
Boiling Point Elevation 
As you learned earlier in this chapter, the boiling point of a substance is the 
temperature at which the vapor pressure equals atmospheric pressure. 
Because vapor pressure is lowered by the addition of a nonvolatile solute, the 
boiling point is increased. Why? Since the solute particles get in the way of 
the solvent particles trying to escape the substance as they move around 
faster, it will take more energy for the vapor pressure to reach atmospheric 
pressure, and thus the boiling point increases. We can calculate the change 
in boiling point in a way that’s similar to how we calculate the change in 
freezing point: 

DT =K * Mowe * i 
where 
K, = molal boiling point elevation constant (for water = 0.51°C/m) 
Now try a problem that deals with freezing point depression and boiling 
point elevation. 


Example 


Calculate the freezing point and boiling point of a solution of 100 g of 
ethylene glycol (C2H6O2) in 900 g of water. 


Explanation 


Calculate molality: 


100 g ethylene glycol x 1 mol ethylene glycol 


62.0 g ethylene glycol 
1.61 mol 
eoki a Rr 
m 0.900 kg 1.79 m 


Freezing point depression = (M)(KA(À 
T; = (1.79)(1.86)(1) = 3.332C 
Freezing point = 02C - 3.332C = -3.332C 
Boiling point elevation = (m)(Kn)(/) 
To = (1.79)(0.51)(1) = 0.912C 
Boiling point = 100°C + 0.912C = 100.912C 


Practice Questions 


Statement I Statement II 


. Ice, unlike most BECAUSE In water, hydrogen bonds can form 
substances, is between the positively charged H atom 
denser than water in on one water molecule and the slightly 
the liquid phase. negatively charged O atom on a nearby 


water molecule. 


. Which of the following gases would be the densest at standard 


temperature and pressure? 
(A) Helium 

(B) Argon 

(C) Carbon dioxide 

(D) Xenon 

(E) Nitrogen 


. In the laboratory, a sample of hydrogen is collected by water 
displacement. The sample of hydrogen has a volume of 25 mL at 24.0A°C 
and a barometric pressure for the day of 758 mmHg. What is the pressure 
of the dry gas at this temperature? (The vapor pressure of water at 
24.0A°C is 22.4 mmHg.) 


(A) 455 mmHg 
(B) 470 mmHg 
(C) 736 mmHg 
(D) 758 mmHg 
(E) 780 mmHg 


. Calculate the approximate amount of heat necessary to raise the 
temperature of 50.0 grams of liquid water from 10.0A°2C to 30.0A°C. (The 
specific heat of water liquid is 4.18 J/gA2C.) 


(A) 20 J 
(B) 80 J 
(C) 100 J 
(D) 200 J 
(E) 4,180 J 


Te} 


5. Using the sketch of the phase diagram for water given above, determine 
which of the following statements is incorrect: 


(A) The triple point is point A. This is the point at which all three phases 


are in equilibrium with one another. 


(B) The line AB is the line representing the solid-liquid equilibrium line. 
Anywhere along this line the substance could melt or freeze. 


(C) The slope of line AB is negative. This slope indicates that the solid is 
much denser than the liquid. 


(D) Line AD represents the phase changes of sublimation and deposition. 


(E) Line AC represents where the substance would condense and 


vaporize. 
Statement I Statement II 
6. Most ionic solids BECAUSE Ionic solids are made up of positive and 
have high melting negative ions held together by 
points. electrostatic attractions. 


7. Which of the following best illustrates a graph of pressure versus volume 
for a gas at constant temperature? 


(A) 


(E) Sg 


8. Which of the following solutions would probably have the highest boiling 
point? 


(A) 0.100 m KOH 

(B) 0.100 m Na:S0,4 
(C) 0.100 m Ce6Hi20¢6 
(D) 0.200 m CaCl, 

(E) 0.200 m CH3;CH,0H 


9. Which of the following must be measured in order to calculate the 
molality of a solution? 


I. Mass of the solute 
II. Mass of the solvent 
III. Total volume of the solution 


(A) I only 

(B) I and III only 
(C) II and III only 
(D) I and II only 
(E) I, II, and III 


10 The molarity of a solution that is composed of 80.00 g of sodium 
hydroxide dissolved in 2.0 L of solution is 


(A) 1.0 M 
(B) 2.0 M 
(C) 4.0 M 
(D) 40.0 M 
(E) 160.0 M 


11 Which of the following substances would dissociate completely when 
placed into excess amounts of distilled water? 


(A) C2H50H 


(B) HC2H302 
(C) LINO; 
(D) Mg(OH): 


(E) All of these will dissociate completely in water 


Statement I Statement II 

12 The solubility of carbon BECAUSE The solubility of a gas 
dioxide in a soft drink generally increases with an 
decreases with a decrease in increase in temperature. 
pressure. 


13 The molarity of a solution obtained when 50.0 mL of 6.0 M HCl is 
diluted to a final volume of 300.0 mL is 


(A) 0.01 M 
(B) 0.10 M 
(C) 0.20 M 
(D) 0.30 M 
(E) 1.0 M 


14 Which of the following solutes and solvents would be expected to form 
stable solutions? 


Solute Solvent 
ethanol water 


ail vinegar 


IV oil gasoline 


(A) I only 

(B) I and II only 

(C) III only 

(D) I, II, and III only 
(E) I, II, and IV only 


Explanations 


1. F,T 


(Do not fill in CE.) The first statement is false—water is actually /ess dense in its solid, frozen form, which is 
not true of most liquids. This is due to the hydrogen bonds that form between water molecules in water's 
liquid state. When the temperature of water becomes low enough that water freezes, the molecules are 
locked into a regular, crystal lattice structure in which the molecules are actually farther apart from each 
other than they are when water is in its liquid state. The second statement is true, but since the first is false, 


there is no need to fill in the CE oval. 


You'll need to use the periodic table you're given during the exam to answer this question since you'll have to 
find the masses of the gases. Remember that the density of a gas is measured in grams per liter and that you 
will calculate the volume using the standard for gases at STP: 22.4 L per mole. Finally, remember that the 
heavier the molecule, the more dense the gas. A Helium is only 4 g/mol, B argon is 40 g/mol, C carbon 
dioxide is 44 g/mol, D xenon is 131 g/mol, and E nitrogen (N2) is diatomic, so this means it has a mass of 28 


g/mol. The best choice is D, xenon. 


This question appears to be very involved, so you might be tempted to use the ideal gas equation; however, 
the question only asks for the pressure of the dry gas. You’re given atmospheric pressure and water vapor 
pressure at the defined temperature, so all you need to do is subtract the water vapor from the atmospheric 
pressure: 758 mmHg - 22.4 mmHg = 735.6 mmHg; this matches C. Since you will not have a calculator, 


round numbers off: 760 - 20 = 740. The closest answer choice is C. 


In this problem, the phase does not change; liquid water increases in temperature by 20.0°C. This will take 
energy—to calculate the energy, use the equation q = mC,DT. You have all the information that you need: Q 


= (50.0 g)(4.184 J/g2C) (20.02C). Again, make the math easy: approximate that 20 x 50 = 1000, then 
multiply by 4 to get 4000 J—the only answer choice that’s close is choice E. 


A is the triple point, so this statement is true. B is the line that separates the solid and the liquid, so this is 
also a true statement. C is the answer. The slope of this line is not negative; it is positive. The second half of 
the statement is true: when there is a positive slope, the solid is more dense than the liquid. D is where the 
solid and vapor phase meet, so this statement is also true—sublimation and deposition are the changes of 
state associated with solids and gases. Finally, E is also a true statement—the line represents where the 


liquid meets the vapor, and so these changes of state could take place. 
6. T,T 


(Fill in CE.) The first statement is true: most ionic solids are characterized as having a high melting point. 


lonic solids are also hard and brittle, with poor thermal and electrical conduction. The second statement is 


also true—ionic solids consist of positive and negative ions held together by electrostatic attractions, and you 


should fill in CE because the second statement is the reason for the first statement’s being true. 


To answer this question, you must think about the relationship between pressure and volume. Boyle’s law 
states that if the pressure is increased, the volume will decrease if all other factors are held constant. This 
type of relationship is an inverse relationship, and choice E is the only graph that shows an inverse 


relationship. 


The boiling point of a solution depends on the solution’s concentration in molality and the number of ions that 
exist in solution. First eliminate any answer choices that contain organic compounds, since carbon 
compounds are covalently bonded and do not disassociate into ions in solution; in this way you can 
eliminates choices C and E. Choice A would produce two ions in solution, choice B would produce three ions 
in solution, and choice D would produce three ions in solution. Now you must choose between B and D. Since 


the molality is greater in D and D produces the same number of ions, it would have the highest boiling point. 


This question requires that you know the definition of molality: molality is the number of moles of solute per 

kilogram of solvent. Since moles are not directly measured, instead the mass of the solute, (I), would be the 

component measured in the laboratory. The mass of the solvent can be expressed in kilograms of solvent, or 
(Il). The total volume, (IlI), is not needed to calculate molality—just molarity, so look for an answer that 


contains both (I) and (Il); the answer is D. 


10. A 


This question asks you to calculate the molarity, which is the moles of solute per liter of solution. 80.0 grams 
of NaOH can be converted to moles by dividing 80 by 40 (the molecular weight of NaOH), and this gives you 2 


moles. Now divide 2 by 2 to get 1.0 M, which is answer choice A. 


11. Cc 


This question in essence asks which of the answer choices is a strong electrolyte. Strong electrolytes are 
strong acids, strong bases, and soluble salts. Let’s go through the answer choices. Choice A is not a strong 
electrolyte—it’s an alcohol. Choice B is acetic acid, an organic acid, and is only a weak electrolyte. Choice C 
is a soluble salt; all nitrates are soluble and thus dissociate in solution. This is the correct answer. Choice D is 
ionically bonded but is not a strong base. In group 2A, only barium, strontium, and calcium hydroxides are 


considered to be strong. Mg(OH)z is a chalky white liquid often taken as a laxative. 


12. T, F 


(Do not fill in CE.) Statement | is ttue—when the pressure of a system is decreased, the solubility of a gas 

decreases; as you probably know from experience, when you open a soda bottle, the pressure of the system 
decreases significantly, and gas bubbles rise to the top and escape. Statement II says that heating a gas ina 
solution will make the gas more soluble; this is not true. Since this statement is false, you would not fill in the 


CE oval. 
13. E 


This is a dilution problem, so use the formula you learned in this chapter to solve it: MV, = M: V2. The problem 
gave you the following values to plug in: (6.0 M) (50.0 mL) = (M) (300.0 mL). Do the math, and you get 300 
divided by 300 = 1.0 M. This is answer choice E. 


14. E 


When you see a problem that looks like this, inspect each pairing one at a time. Here keep in mind that “like 
dissolves like,” so polar substances will be soluble in polar and ionic substances, and nonpolar substances will 
be soluble in nonpolar substances. Look at (I): ethanol is a polar substance due to the hydroxyl group, and 
water is also polar, so these two substances should make a stable solution. (Il) Salt is ionically bonded and 
water is polar, so these two should also make a stable solution. (Ill) Oil is nonpolar, and vinegar (acetic acid) 
is polar because of its carboxylic acid group, so these two substances should not mix well. (IV) Oil and 
gasoline are both nonpolar, so these two substances should make a stable solution. Look for the answer 


choice that contains |, Il, and IV; choice E is the match. 


Reaction Types 


Now that you are familiar with atoms and molecules and how they make up 
the solids, liquids, and gases we see around us, let’s discuss what happens 
when two molecules meet: namely, chemical reactions. A chemical reaction 
is defined as a process by which one or more substances are changed into 
one or more new substances. Chemical reactions are usually portrayed in 
this way: 

reactant 7 product 


The ~ is read as “yields” or “produces.” You will often see the states of 
matter in parentheses as subscripts after the chemical formulas of the 


reactants and products. The symbols for the states of matter and some other 
chemical reaction symbols you should be familiar with are given in the table 


Meaning 


“Yields” or “produces” 


“Reacts with” or “and” 


Represents the number of atoms of the element it’s to the 


subscript right of 


How many molecules or moles of the substance are 


coefficient reacting 


A substance named above the arrow represents a catalyst 


in the reaction 


` A delta above the reaction arrow indicates that heat is 
—>» 
added to the reaction 


Balancing Chemical Equations 


You may remember that the law of conservation of mass says that matter is 
neither created nor destroyed during a chemical reaction. This means that all 
chemical reactions must be balanced—the number of atoms, moles, and 
ultimately the total mass must be conserved during a chemical process. Here 
are the rules to follow when balancing equations: 
1. Determine the correct formulas for all the reactants and products in 
the reaction. 
2. Begin balancing with the most complicated-looking group. A 
polyatomic ion that appears unchanged on both sides of the equation 
can be counted as a single unit. 


3. Save the elemental (single elements) reactant and products for last, 
especially if it is hydrogen or oxygen. Keep your eye out for diatomic 
molecules such as oxygen, hydrogen, and the halogens. 

4. If you get stuck, double the most complicated-looking group and try 
again. 

5. Finally, make sure that all coefficients are in the lowest-possible ratio. 

6. Know when to quit! None of the reactions you will encounter will be 
that difficult. If the coefficients are getting wild, double-check what 
you’ve done since you may have a simple mistake. 


When balancing reactions, keep your hands off the subscripts! Use only 
coefficients to balance chemical equations. Now let’s try an example. When 
you solve it yourself, make sure to follow the steps! 


Example 


Write the balanced equation for the reaction between chlorine and sodium 
bromide, which produces bromine and sodium chloride. 


Explanation 


First write the chemical formulas—be on the lookout for the diatomic 
elements (such as Cl.): 
Cl + NaBr 7 Br2 + NaCl 

Next, find the reagent with the scariest subscripts. In this case, start with 
Cl. You need a coefficient of 2 in front of NaCl, which then requires a 
coefficient of 2 in front of NaBr. The balanced equation becomes 

Cl + 2NaBr — Brz + 2NaCl 
Finally, count up everything to make sure you balanced the equation 
correctly. You have two chlorine atoms, two sodium atoms, and two bromines 
on the reactants side and two bromines, two sodiums, and two chlorines on 
the products side. You’re done. 


Example 


Write the balanced equation for the reaction between aluminum sulfate and 
calcium chloride, which produces aluminum chloride and calcium sulfate. 


Explanation 


Write the chemical formulas on their correct sides: 

Al,(SO.)3 + CaCl, AICI; + CaSO, 
In this reaction, the aluminum sulfate looks the most complicated, so start 
there. Look at what happens with sulfate—since it remains sulfate on the 
right side of the reaction, treat it as a unit. You have three on the left side 
and only one on the right side, so place a coefficient of 3 in front of calcium 
sulfate. Now deal with the aluminum. You have three on the left and one on 


the right, so place a coefficient of 2 in front of aluminum chloride. Last, you 
must place a coefficient of 3 in front of calcium chloride. 


Al,(SO.): + 3CaCl ” 2AlCl; + 3CaSO, 
Count the atoms on both sides of the reaction and you'll see that you’re done. 


Types of Chemical Reactions 


It is important that you know the basic types of chemical reactions for the 
SAT II Chemistry test since the test often refers to reactions as being of one 
type or another. Here’s a list of the different types of reactions, with 
examples of each type included. 
Synthesis reaction: This is a reaction in which two or more elements or 
compounds combine to form a single product. This type of reaction follows 
the general equation 

A+B °? C 
where A and B may be either elements or compounds. 
Here are some examples: 


—e 
2Nas) + Cla) 2NaCl;s) 
MgO) + H20 E Mg(OH)zaa) 
—e 
SOaig) + H2O H2SO3(aq) 
Decomposition reaction: In this type of reaction, a single reactant, a 
compound, breaks into two or more parts. Often these are the most difficult 
to predict. Here is the general equation: 


— 


AB A+B 
where A and B may be either elements or compounds. 


Here are some examples of decomposition reactions: 
—> 
2H20( 2Hag) + O2) 
H2COa(aq) io H20 + CO2q) 
_—e 
CaCO3,) CaQ;s) + CO2) 


2KClOs9 7 2KClo + 302% 
Single replacement or displacement reaction: In this type of reaction, a 


more active element replaces a less active element in a compound. Among 
the halogens, F» is the most active halogen, and the activity of the halogens 
decreases as you go down the group. For the metals, you will need to be 
given an activity series. General equation: 

A+BC AC+B 
where Ais a metal. 
Here is an example of a displacement reaction in which a metal is involved: 

Cus + 2AgNOsey 7 2Agw + Cu(NO5)2¢0q) 

General equation: 

A+BC BA+C 
where Ais a nonmetal. 
Here is an example of a displacement reaction where a nonmetal is involved: 


— 
Clay) + 2Naliaq) 2NaClaq) + lois) 


Double replacement or displacement reaction: In this type of reaction, 
two compounds react to form two new compounds. The formation of a 
molecular compound such as water, the formation of a gas, or the formation 
of a precipitate usually drives these reactions. Here’s the general equation: 
AB+CD ” AD+ CB 
And here are a couple of examples: 
Pb(NO3)ze0) + 2Kleq) 7 2KNOseq + Pla.) 

HCleg + NaOH faq) H2Oq) + NaCleg 
Combustion reaction: In this type of reaction, often a hydrocarbon is 
burned in the presence of oxygen gas to form carbon dioxide (in a complete 
combustion) or carbon monoxide (in an incomplete combustion, due to a 
limited amount of oxygen). Here is the general equation in the presence of 
plenty of oxygen: 

CHy + Orig) COo + H2O tn or 0 
An example of this is seen when methane gas is burned in the presence of 
excess oxygen (Bunsen burner reaction): 
CHao + 2029 7 COz0) + HO 
Here is the general equation for when a hydrocarbon is burned in an 
incomplete combustion (oxygen is in limited supply): 
CxHy + Oxo 7 CO) + H2On 

Hydrolysis reaction: A reaction that involves water. Here is the general 
equation for a hydrolysis reaction: 

Xie + H:O © HX iaq) + OH fay) 


Net Ionic Equations 


Net ionic equations are equations that show only the soluble, strong 
electrolytes reacting (these are represented as ions) and omit the spectator 
ions, which go through the reaction unchanged. When you encounter net 
ionic equations on the SAT II Chemistry test, you’ll need to remember the 
following solubility rules, so memorize them! Also keep in mind that net ionic 
equations, which are the bare bones of the chemical reaction, usually take 
place in aqueous environments. Here are those solubility rules: 


NH; 
1. Most alkali metal compounds and compounds are soluble. 
Hg?’ 
2. Cl, Br, T compounds are soluble, except when they contain Ag*, P 
or Ph”, 
3. F compounds are soluble, except when they contain group 2A metals. 
NO; ClO; ClO; 


4. ; i , and CH3;COO° compounds are soluble. 


sor 


Bs compounds are soluble, except when they include Ca’*, Sr’*, Ba’t, 
Hg; 
Ag*, Pb?*, or 
CO; POY COY Croy 
6. , ; , , S>, OH;, and O% compounds are insoluble. 


7. Group 2A metal oxides are classified as strong bases even though they 
are not very soluble. 


The two solubility rules that you will use the most are numbers 1 and 4. You 

must memorize that all group 1A metal and ammonium compounds are 

soluble. As soon as you see a compound N , Li, Na, K, Rb, Cs, or Fr, you 

should know that it’s soluble. Also, all nitrates are soluble—look at the end of 
aie 

the compound. If it ends in it , you know that it’s soluble. 

What’s the big deal with solubility? Well, if the ion is soluble, it won’t form a 

precipitate, and this means it doesn’t react and should be left out of the net 

ionic equation. The key is first to write the compound’s chemical formula and 

then determine if it’s soluble. If it is soluble, then ionize it—if it isn’t, don’t 

ionize it; leave it as a molecule. 

Here are some additional rules about common reaction types that you should 

be familiar with for the exam: 

e If an insoluble precipitate or gas can be formed in a reaction, it 
probably will be. 

e Oxides (except group 1A) are insoluble, and when reacted with water, 
they form either acids (nonmetal oxides) or bases (metal oxides). 

e There are six strong acids that completely ionize: HCl, HBr, HI, HNOs, 
H2SO,., HC1O.. All other acids are weak and are written together, as 
molecules. 

e The strong bases that ionize are oxides and hydroxides of group 1A 
and 2A metals. All other oxides and hydroxides are considered weak 
and written together, as molecules. 


Now try writing some net ionic equations, using the rules above. 
Example 


Write the net ionic equation for a mixture of solutions of silver nitrate and 
lithium bromide. 


Explanation 


Ag* + NO;, Lit +Br 7 


This is a double replacement reaction. Both compounds are soluble, so 
everything ionizes. If anything is formed, it will come from recombining the 
“inside” two ions with the “outside” two ions to make LiNO; and AgBr. If 
either of them is insoluble, a precipitate will be formed, and the ions that 
react to form it will be in our net ionic equation; the other ions are spectators 
and should be omitted! As we said, the two possible products are lithium 
nitrate and silver bromide. Since halides are soluble except those containing 
silver, mercury, or lead, we have a precipitate of silver bromide, and our net 
ionic equation looks like this: 


Ag* + Br a AgbrV 
Example 


Hydrochloric acid and sodium hydroxide are mixed. Write the net ionic 
equation. 


Explanation 


This is a mixture of a strong acid and a strong base, so each ionizes 
completely. 

Ht+Ch+Nat+OH 7 
The two possible compounds formed are sodium chloride, which is soluble, 
and water, which is molecular; thus water is the only product in our net ionic 
equation. 


H*+OH 7” H20 
Example 


Chlorine gas is bubbled into a solution of potassium iodide; write the net 
ionic equation. 


Explanation 


This one is a single replacement, so you need to consider the activity series. 
Since halogens are involved, you can determine their activity by using the 
periodic table: Cl is more active than I. 

C+ K +r 7 
Remember that halogen is diatomic and that all potassium compounds are 
soluble. The resulting compound is also soluble, so K* is a spectator and is 
left out of the final equation. 


Ch+r 7 B+C 


The Chemistry of Acids and Bases 


Acid-Base Theories 


Let’s start our discussion of acids and bases by defining some terms that are 
essential to the topics that follow. 
Arrhenius acids and bases are: 


acid—a substance that increases the concentration of protons (H*) in water 
base—a substance that increases the concentration of hydroxide ions in 
water (OH) 

These definitions are limited to aqueous solutions. 

Bronsted and Lowry acids and bases as: 

acid—a substance that donates a proton to another substance 

base—a substance that accepts a proton 

These definitions can also apply to reactions that are not aqueous, so they 
are more accurate. 

Lewis acids and bases are: 

acid—a substance that accepts an electron pair 

base—a substance that donates an electron pair 

Here are some other terms that you'll need to be familiar with: 

hydronium (H;0*)—H? riding “piggyback” on a water molecule; water is 
polar, and the positive charge of the naked proton is greatly attracted to one 
of the negative electron pairs on adjacent oxygen 

monoprotic—describes acids that can donate one H* 

diprotic—describes acids that can donate two H* ions 
polyprotic—describes acids that can donate more than one H* ion 
amphiprotic—describes a substance that can act as either an acid or a base. 
This means it can either lose a proton or gain one. Water is amphiprotic: it 
can form either a hydroxide ion or a hydronium ion. Other examples of 


HCO; HSO; HPO} 
amphiprotic substances are , i 


Conjugate Acid-Base Pairs 


Now that we’ve defined acids and bases, let’s discuss how they work 
together in reactions. Look at the generic acid-base reaction below: 

HXi + H200 T Xey + HsOieay 
When the forward reaction occurs, HX donates a proton to water (so it acts 
as the base) to form hydronium. When the reverse reaction occurs, the 
hydronium ion acts as the acid, donating a proton to the X`. Together, HX and 
X are said to be conjugate acid-base pairs. Conjugate acid-base pairs are 
compounds that differ by the presence of one proton, or H*. All acids have a 
conjugate base, which is formed when their proton has been donated; 
likewise, all bases have a conjugate acid, formed after they have accepted a 
proton. 


Example 


Apply the appropriate acid-base theory to first identify the acid and base 
reacting and then identify the conjugate acid-base pairs in the examples 
below: 


HNO, + H:O _ H:O° + NO; 
1. 


NH; + H,O -> H;0* + NH; 


Explanation 


1. In this first reaction, we see that HNO; gives a proton to water, which 
then forms a hydronium ion. This makes HNO; the acid in the forward 
NO; 
reaction, and water acts as the base. HNO;’s conjugate base is F 


and water’s conjugate acid is the hydronium ion, or 


HNO, + H,O = H,0* + NO; 


A B CA CB 
L 


NH; 
2. Here donates the proton to water, so in the forward reaction it 
NH; 
acts as the acid, and water is still the base. ’s conjugate base is 


NHs3, and water’s conjugate acid is again the hydronium ion, H;0*. 


NH,’ + H:O > H,O* + NH, 
A B CA CB 
LH 


Relative Strengths of Acids and Bases 


Certain acids are stronger than other acids, and some bases are stronger 
than others. What this means is that some acids are better at donating a 
proton, and some bases are better proton acceptors. A strong acid or base 
dissociates or ionizes completely in aqueous solution. A weak acid or base 
does not completely ionize. 
Strong Acids 
There are six strong acids that you’ll need to memorize for the SAT II 
Chemistry test: 

Hydrohalic acids: HCl, HBr, HI 

Nitric acid: HNO3 

Sulfuric acid: H2SO. 

Perchloric acid: HClO. 


Let’s take a closer look at how acids differ in strength by focusing on 
perchloric acid. In general, the greater the number of oxygen atoms in a 
polyatomic ion, the stronger the acid. 


electron density 
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So HClO, is stronger than HC10;, which is stronger than HClO:, which is 
stronger than HCI1O. (Perchloric acid is the strongest among the six, but all 
the other oxyacids of chlorine are not considered strong acids.) Now think 
about why, as you take away oxygens, the strength of the acid decreases. The 
hydrogen (proton) to be removed is bonded to an oxygen atom. The oxygens 
are highly electronegative and are pulling the bonded pair of electrons away 
from the site where the hydrogen is bonded, thus making it easier to remove 
the H*. As the number of oxygen decreases, the molecule becomes less polar, 
and the H* is harder to remove. 

Strong Bases 

There are fewer strong bases to memorize for the exam. These are 
hydroxides (—OH), oxides of 1A and 2A metals (except Mg and Be), H^, and 
= . Remember that the stronger the acid, the weaker its conjugate base, 
and the converse is also true. The figure below illustrates the relative 
strengths of some common conjugate acid-base pairs. 
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The pH Scale 


As you know, water can act as either a proton donor (in the form of the 
hydronium ion, H:0*) or a proton acceptor (as OH). In solution, a water 
molecule can even donate a proton to or accept a proton from another water 
molecule, and this process is called autoionization: 

2H:0 ~~ H30* + OH 
Since this reaction takes place in equilibrium, we can write an equilibrium 
expression, Keg, for it: 

Keg = [H30*][OH] 


H] pH 


1074 14 1MNaOH 


1 Et AARD Be 

10? 12 ammonia 
basic ith sea kegs a 

10°*° 10 

10° 9 

10 i 8 blood 
neutral 10°' 7 distilled water 

10® 6 milk 

107 5 

107+ 4 
acidic 10° 3 vinegar 

A lemon juice 
10 2 stomach acid 
10° 1 
1 0 1M HCl 


And since this expression refers specifically to the ionization of water, we can 
write the equilibrium expression as Ky. At 25°C, the value of K,, which is 
known as the ion-product constant, is 1 * 104. This means that the 
[H3;0+] = [OH] and each is equal to 1 * 107. When the concentrations of H+ 
and OH are equal in a solution, the solution is said to be neutral. In acidic 
solutions, the concentration of H* is higher than that of OH, and in basic 
solutions, the concentration of OH is greater than that of H+. 
The pH of a solution is calculated as the negative logarithm in base 10 of the 
hydronium ion concentration—it is an expression of the molar concentration 
of H* ions in solution: 

pH = -log [H+] or -log [H30*] 
A solution like the equilibrium expression for water, which is neutral at 


standard temperature, would have a pH of 


pH =-log[1 * 107] = -(-7.00) = 7.00 


So as you can see, neutral solutions have a pH of 7. If the solution contains 
more hydronium ions than this neutral solution ([H*] > 1 * 107), the pH will 
be less than 7.00, and the solution will be acidic; if the solution contains 
more hydroxide ions than this neutral solution ((OH] > 1 * 107), the pH will 
be greater than 7.00, and the solution will be basic. 
Similarly, the pOH of a solution is calculated as the negative logarithm in 
base 10 of the hydroxide ion concentration: 

pOH = -log [OH] 
and pH and pOH are related to each other by the equation 


pH + pOH = 14 
Since you won’t be allowed to have a calculator for the SAT II Chemistry test, 
you can use the following equation if you need to calculate the hydronium ion 
concentration of a solution: 
[H30*] = 10° 
Now try a problem: What is the pH of a solution at 25°C in which [OH] = 1.0 
* 105 M? 


Explanation 


The fact that this solution is at 25°C tells us that we should use the K,, 
relationships. If the [OH] = 1.0 * 10° M, then pOH = 5. You know that 1.0 

* 10° is the same as plain old 10°. The log of 10° is -5 (simply use the 
exponent when a number, any number, is written as 10”, so the “negative” 
of the log is equal to -(-5), or simply 5. Now, if the pOH is 5, then the pH is 9 
since pH + pOH = 14. 


Acid-Base Reactions: Neutralization Reactions 


When a strong acid and a strong base solution are mixed, a neutralization 
reaction occurs, and the products do not have characteristics of either acids 
or bases. Instead, a neutral salt and water are formed. Look at the reaction 
below: 

HClieg + NaOH 7 H20q + NaClreq 
The anion from the acid (Cl) reacts with the cation from the base (Na‘*) to 
give a Salt, and a salt is defined as any compound formed whose anion came 
from an acid and whose cation came from a base. 
When a strong acid and a weak base are mixed, the resulting salt will be 
acidic; likewise, if a strong base and a weak acid are mixed, the resulting salt 
will be basic. If on the SAT II Chemistry test you are asked to determine if a 
salt formed in a particular reaction is neutral, acidic, or basic, first ask 
yourself, Which acid reacted with which base to form this salt? Next ask 
yourself, Was the acid strong or weak? and then, Was the base strong or 
weak? Consider K,CO3. K2CO3; is formed when the base, potassium hydroxide 
(which is strong since potassium is a 1A metal), reacts with the acid, HCO; 
(which is weak since it isn’t one of our six strong acids). Since this is a 
combination of a strong base and a weak acid, the salt formed will be basic. 
The good news is that for the SAT II Chemistry exam, you needn’t worry 
about weak-weak combinations. Now try some problems on your own. 


Example 


Classify each of the salts listed below as acidic, basic, or neutral. 
1. Fe(NOs)3 
2. MgSO, 
3. Ni(ClO.)2 


Explanation 


1. Fe(NO;)3;—This salt was formed from the reaction of a weak base, iron 
(III) hydroxide, with a strong acid, nitric acid. This means that the salt 
will be acidic. 

2. MgSO.—This salt was formed from the reaction of a strong base, 
magnesium hydroxide, with strong acid, sulfuric acid. This reaction 
results in a neutral salt. 

3. Ni(ClO,)2—This salt was formed from the reaction of a weak base, 
nickel (II) hydroxide, with a strong acid, perchloric acid. This is an 
acidic salt. 


Redox and Electrochemistry 


Oxidation-reduction (redox) reactions are another important type of reaction 
that you will see questions about on the SAT II Chemistry test. The test 
writers will expect you to be able to identify elements that are oxidized and 
reduced, know their oxidation numbers, identify half-cells, and balance redox 
reactions. The following is a brief overview of the basics. 


Oxidation-Reduction 


Oxidation-reduction reactions involve the transfer of electrons between 
substances. They take place simultaneously, which makes sense because if 
one substance loses electrons, another must gain them. Many of the 
reactions we’ve encountered thus far fall into this category. For example, all 
single-replacement reactions are redox reactions. Before we go on, let’s 
review some important terms you'll need to be familiar with. 
Electrochemistry: The study of the interchange of chemical and electrical 
energy. 

Oxidation: The loss of electrons. Since electrons are negative, this will 
appear as an increase in the charge (e.g., Zn loses two electrons; its charge 
goes from 0 to +2). Metals are oxidized. 

Oxidizing agent (OA): The species that is reduced and thus causes 
oxidation. 

Reduction: The gain of electrons. When an element gains electrons, the 
charge on the element appears to decrease, so we Say it has a reduction of 
charge (e.g., Cl gains one electron and goes from an oxidation number of 0 to 
-1). Nonmetals are reduced. 

Reducing agent (RA): The species that is oxidized and thus causes 
reduction. 

Oxidation number: The assigned charge on an atom. You’ve been using 
these numbers to balance formulas. 

Half-reaction: An equation that shows either oxidation or reduction alone. 


Rules for Assigning Oxidation States 


A reaction is considered a redox reaction if the oxidation numbers of the 
elements in the reaction change in the course of the reaction. We can 
determine which elements undergo a change in oxidation state by keeping 
track of the oxidation numbers as the reaction progresses. You can use the 
following rules to assign oxidation states to the components of oxidation- 
reduction reactions: 
1. The oxidation state of an element is Zero, including all elemental 
forms of the elements (e.g., N2, Pa, Ss, Os). 
2. The oxidation state of a monatomic ion is the same as its charge. 
In compounds, fluorine is always assigned an oxidation state of -1. 
4. Oxygen is usually assigned an oxidation state of -2 in its covalent 
compounds. Exceptions to this rule include peroxides (compounds 
containing the group), where each oxygen is assigned an oxidation 


ae 


state of -1, as in hydrogen peroxide (H202). 

5. Hydrogen is assigned an oxidation state of +1. Metal hydrides are an 
exception: in metal hydrides, H has an oxidation state of -1. 

6. The sum of the oxidation states must be zero for an electrically neutral 
compound. 

7. Fora polyatomic ion, the sum of the oxidation states must equal the 
charge of the ion. 


Now try applying these rules to a problem. 


Example 


Assign oxidation numbers to each element in the following: 
1. HS 


2. MgF2 
POY 
3. 
Explanation 


1. The sum of the oxidation numbers in this compound must be zero 
since the compound has no net charge. H has an oxidation state of +1, 
and since there are two H atoms, +1 times 2 atoms = +2 total charge 
on H. The sulfur S must have a charge of -2 since there is only one 
atom of sulfur, and +2 - 2 = 0, which equals no charge. 

2. Fis assigned an oxidation state of -1 (according to rule 3), and there 
are two atoms of F, so this gives F a total charge of -2. Mg must have 
a +2 oxidation state since +2 - 2 = 0 and the compound is electrically 
neutral. 


3. This time the net charge is equal to -3 (the charge of the polyatomic 
ion—according to rule 7). Oxygen is assigned a -2 oxidation state (rule 
4). Multiply the oxidation number by its subscript: -2 * 4 = -8. Since 
there is only 1 phosphorus, just use those algebra skills: P + -8 = -3. 
Phosphorus must have a +5 charge. 


Example 


When powdered zinc metal is mixed with iodine crystals and a drop of water 
is added, the resulting reaction produces a great deal of energy. The mixture 
bursts into flames, and a purple smoke made up of I2 vapor is produced from 
the excess iodine. The equation for the reaction is 

ZMs) + las) Te Znlas) + energy 
Identify the elements that are oxidized and reduced, and determine the 
oxidizing and reducing agents. 


Explanation 


1. Assign oxidation numbers to each species. Zn and I are both assigned 
values of 0 (rule 1). For zinc iodide, I has an oxidation number of -1 
(group 7A—most common charge), which means that for zinc, the 
oxidation number is +2. 

2. Evaluate the changes that are taking place. Zn goes from 0 to +2 
(electrons are lost and Zn is oxidized). The half-reaction would look 
like this: 


Zn "Zn? + 2e 
And I, goes from 0 to -1 (it gains electrons and so is reduced). This half- 
reaction would look like this: 
I+ 2e — 21° 
1. Here, zinc metal is the reducing agent—it causes the reduction to take 
place by donating electrons—while iodine solid is the oxidizing agent; 
iodine solid accepts electrons. 


Voltaic (or Galvanic) Cells 

Redox reactions release energy, and this energy can be used to do work if 
the reactions take place in a voltaic cell. In a voltaic cell (sometimes called 
a galvanic cell), the transfer of electrons occurs through an external pathway 
instead of directly between the two elements. The figure below shows a 
typical voltaic cell (this one contains the redox reaction between zinc and 
copper): 
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Zn(s) — Zn“(aq)+ 2e Cu™(laq)+ 2e — Culs) 


As you can see, the anode is the electrode at which oxidation occurs; you 
can remember this if you remember the phrase “an ox”—“oxidation occurs at 
the anode.” Reduction takes place at the cathode, and you can remember 
this with the phrase “red cat”—“reduction occurs at the cathode.” An 
important component of the voltaic cell is the salt bridge, which is a device 
used to maintain electrical neutrality; it may be filled with agar, which 
contains a neutral salt, or be replaced with a porous cup. Remember that 
electron flow always occurs from anode to cathode, through the wire that 
connects the two half-cells, and a voltmeter is used to measure the cell 
potential in volts. 

Batteries are cells that are connected in series; the potentials add to give a 
total voltage. One common example is the lead storage battery (car battery), 
which has a Pb anode, a PbO: cathode, and H2SO, electrolyte is their salt 
bridge. 

Standard Reduction Potentials 

The potential of a voltaic cell as a whole will depend on the half-cells that are 
involved. Each half-cell has a known potential, called its standard 
reduction potential (£2). The cell potential is a measure of the difference 
between the two electrode potentials, and the potential at each electrode is 
calculated as the potential for reduction at the electrode. That’s why they’re 
standard reduction potentials, not standard oxidation potentials. Here is the 
chart: 


Half-reaction EV) 
Fyig) + 2e + oF 2.87 
Co** +e =» Co** 1.82 
Au®’4+3e > Ants 1.50 
Clo(g) + 2 e a 2 Cl 1.36 
Oo(g)+4H'+4e 3 2 H;00) 1.23 
Brall) + 2 e 2 2 Br 1.07 
2 Hg** +2 + Hg," 0.92 
Hg** + 2e ad Hgíl) 0.85 
Ag‘ +e = Agís) 0.80 
Hg,** +26 > 2 Heil) 0.79 
Fe” +e + Fe 0.77 
LAs) + 2e > 21I 0.53 
Cu’ +e > Cuis 0.52 
Cu” + 2e > Cus 0.34 
Cu** +e 1$ Cu 0.15 
Snt + 2¢ d Sn** 0.15 
Sis)+ 2H +2e ad H,Sig) 0.14 
2H'+2e > Hyg) 0.00 
Ph?" + 2e $ Phs} -0.13 
Sn** + 2e -> Sn{s) —0.14 
Ni + 2 ¢ + Ni(s) —0.25 
Co** + 2e > Cols} -0.28 
TI’ +6 > Tis) —0.34 
Cd + 2e > Cals) ~0.40 
Cr + > Q” -0.41 
Fe” 42e > Feis) 0.44 
Cr” + 3e a$ Cris) 0.74 
Zn** +2¢ + Znis) 0.76 
Mn** +2¢ Bi Mnis) 1.18 
Alt +3e $ Alls) —1.66 
Be** + 2¢ -> Bels) -1.70 
Mg** + 2e > Mgis) -2.37 
Na* +e > Naís) 2.71 
Ca + 2¢ + Cals) 2.87 
Sr" +2e >  Sris) -2.89 
Batt + 2e =. Ba(s) -2.90 
Rh’ + iig Rbis) -2.92 
K' + 3 Kis) 2.92 
Cat + =$ Cals) 2.92 
Li’ +é id Li(s) 3.05 


On this reduction potential chart, the elements that have the most positive 
reduction potentials are easily reduced and would be good oxidizing agents 
(in general, the nonmetals), while the elements that have the least positive 
reduction potentials are easily oxidized and would be good reducing agents 
(in general, metals). Let’s try a quick problem. 


Example 


Which of the following elements would be most easily oxidized: Ca, Cu, Fe, 
Li, or Au? 


Explanation 


Use the reduction potential chart: nonmetals are at the top and are most 
easily reduced. Metals are at the bottom and are most easily oxidized. 


Lithium is at the bottom of the chart—it’s the most easily oxidized of all. So 
the order, from most easily oxidized to least easily oxidized, is Au, Fe, Cu, 
Ca, Li. 


Example 


Which one of the following would be the best oxidizing agent: Ba, Na, Cl, F, 
or Br? 


Explanation 


Using the reduction potential chart and the fact that oxidizing agents are the 
elements that are most easily reduced, we determine fluorine is the best 
oxidizing agent. 
Electrolytic Cells 
While voltaic cells harness the energy from redox reactions, electrolytic cells 
can be used to drive nonspontaneous redox reactions, which are also called 
electrolysis reactions. Electrolytic cells are used to produce pure forms of 
an element; for example, they’re used to separate ores, in electroplating 
metals (such as applying gold to a less expensive metal), and to charge 
batteries (such as car batteries). These types of cells rely on a battery or any 
DC source—in other words, whereas the voltaic cell is a battery, the 
electrolytic cell needs a battery. Also unlike voltaic cells, which are made up 
of two containers, electrolytic cells have just one container. However, like in 
voltaic cells, in electrolytic cells electrons still flow from the anode to the 
cathode. An electrolytic cell is shown below. 

battery 
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2 Cl — CL(g)+ 2e Na’ +e — Nals) 
Practice Questions 


1. What is the sum of the coefficients of the following equation when it is 
balanced? 


— 


Al,(SO.)3 + Ca(OH)2 Al(OH); + CaSO, 
(A) 5 


(B) 6 


(C) 7 
(D) 8 
(E) 9 


. Indium reacts with bromine to form InBr3;. In the balanced equation for 
this reaction, the coefficient of the indium (III) bromide is 


(A) 1 
(B) 2 
(C) 3 
(D) 4 
(E) 6 


. When the following equation is balanced, what is the sum of the 
coefficients? 


—p 


Al,(CO3)3 + Mg(OH)? Al(OH)3 + MgCO; 
(A) 3 
(B) 4 
(C) 8 
(D) 9 


(E) 10 


. The balanced net ionic equation for the reaction of aluminum sulfate and 
sodium hydroxide contains which of the following terms? 


(A) 3A1?* (ag) 
(B) OH (aq 

(C) 30H (aq) 
(D) 2A1?* (aq 
(E) 2Al(OH) 3s) 


. When solutions of phosphoric acid and iron (III) nitrate react, which of 
the following terms will be present in the balanced molecular equation? 


(A) HNOs¢aq) 

(B) 3HNOx( aq) 
(C) 2FePOas) 
(D) 3FePO4s) 
(E) 2HNOx aq) 


Statement I Statement II 


6. The conjugate base of BECAUSE Elements that are strong Bronsted- 
a weak acid is a strong Lowry acids are not strong Brensted- 


base. Lowry bases. 


7. In solution, which of the following has the greatest [H3;0*]? 
(A) HCN 
(B) HNO; 
(C) H20 
(D) OH: 
(E) CH;OH 


8. Which of the following is not true for a solution at 25A°C that has a 
hydroxide concentration of 1.0 * 10° M? 
(A) K,=1 * 10% 
(B) The solution is acidic. 
(C) The solution is basic. 
(D) The [H*] is 1 * 10°% M. 
(E) The pOH equals 6.0. 


9. Which of the following would produce a basic aqueous solution? 
(A) SO? 
(B) KCl 
(C) CO 
(D) NH,Cl 
(E) Na20 


10 Equimolar solutions of which of the following would produce the most 
acidic solution? 


(A) H;PO, 
(B) HC1O 
(C) HClO, 
(D) HC10; 


(E) HC104 


11 In which of the following substances would nitrogen have the highest 


oxidation number? 
(A) NO 

(B) N20 

(C) NO: 

(D) N20. 


E 
i Not 


Statement I Statement II 


12 Voltaic cells harness the BECAUSE Ina voltaic cell, electron flow 


energy of redox reactions. occurs through the salt bridge. 


13 Electrolytic cells require BECAUSE Electrolytic cells have just one 
the input of energy. container, while voltaic cells have 


two. 


14 Which of the following half-cell reactions describes what is happening at 
the anode in the diagram? 


pala 76V 


= 4 = 


4 E Bee 


1M ZnSO, 1M HCl 
solution 


(A) Zn ? Zn? + 2e 
(B) H, ? 2H* + 2e 
(C) 2cr 
(D) SOy 


Cl. + 2e 


=> 


S + 202 + 6e 


(E) 2H+ + 2e- ? Hp 


15 Given the following chemical reaction for the formation of lithium oxide, 


which of the following statements is true? 


ALiits + O29) 7 2Liz06) 
(A) Lithium metal is the oxidizing agent. 
(B) Oxygen gas is the reducing agent. 
(C) Lithium is oxidized. 
(D) Oxygen is oxidized. 


(E) Oxygen loses two electrons to become a -2 ion. 


Explanations 


This equation has two polyatomic ions. If you recognize that right away, the question is not as difficult. Treat 


the polyatomic ions as one species. The balanced equation is 


Al2(SO4)3 + 3Ca(OH)2 > 2AI(OH); + 3CaS0O, 


The sum of the coefficients is then 1+3+2+3=9. 


Here you are basically given the correct chemical formula for the product. The balanced reaction is 


2In + 3Br2 —  2InBr3 


The coefficient of the indium (Ill) bromide is 2. 


The balanced equation is 


Al2(CO3)3 + 3Mg(OH)2 Eg 2AI(OH); + 3MgCO3 


The sum of the coefficients is thus 1 +3 +2 +3 =9. 


You must know your solubility rules to get the correct answer. Aluminum sulfate is soluble, as is sodium 
SO, 

hydroxide. The ions participating are Al?*, , Na*, and OH. It is a double displacement, and the key is 

knowing that sodium sulfate is soluble, while aluminum hydroxide is written molecularly since it is a weak 


base. The balanced net ionic equation is 


Al?* (aq) + 30Htaq) 7 ANOH) 5 


This is also a double displacement reaction. The balanced molecular equation is 


HPO, + Fe(NOs)3 = FePO, + 3HNO3 


6. T,T 


(Fill in CE.) The first statement is true: the conjugate base of a weak acid is a strong base. Remember that 
conjugate acid-base pairs are acids and bases that differ only in the presence or absence of a proton. The 
second statement is also true: a strong Bro@nsted-Lowry acid will not be a strong Bronsted-Lowry base. It is an 


explanation for the first statement, so you would fill in the CE oval. 


This question asks you to find the compound with the greatest [H30*], which means it’s asking you to find the 
compound with the lowest pH or determine which one is the most acidic. As you look down the list, you can 


see only one compound that is on our list of the six strong acids, and that’s choice B, HNO3. 


If the temperature is 252C, then K, = 1.0 = 1074, so A is true. If the hydroxide concentration is equal to 1.0 


* 10° M, then the pOH = 6, so E is true. (You know that 1.0 * 10° is the same as plain old 10°. The log 


of 10° is -6. Simply use the exponent when a number, any number, is written as 10°", so the “negative” of 


the log is equal to -(-6) or simply 6.) Therefore the pH is equal to 14 - 6, which equals 8. If the pH = 8, then 


the solution is basic, so C is true. Furthermore, when the pH = 8, the [H*] = 1.0 a 108, so D is true. Only B 


is not true. 


Recall that aqueous solutions of oxides and hydroxides of 1A and 2A metals form strong bases. Now review 
what you learned about strong bases: the strong bases are hydroxides (—OH), and oxides of 1A and 2A 


metals (except Mg and Be), H, and CHy. 


10. E 


Perchloric acid is the strongest acid in this list. Remember our discussion of how the increased number of 
oxygens makes the proton more likely to dissociate. Here’s that list of strong acids again: the hydrohalic 


acids (HCI, HBr, HI), nitric acid (HNO3), sulfuric acid (H2SO,4), and perchloric acid (HCIO,). 


11. E 


In this problem, it is probably easiest to determine the charge on each nitrogen first. The oxygen in each case 
is -2. In choice A, NO, the nitrogen has a charge of +2. In choice B, N20, the charge on nitrogen is +1. In 
NO; 


choice C, NO,, and in choice D, N2O,, the nitrogen has a charge of +4. In choice E, , the nitrogen has a 


charge of +5. 


12. T, F 


(Do not fill in CE.) Statement | is a true statement: voltaic cells harness the energy released during redox 
reactions, and this energy is used to perform work. However, statement II is false. The flow of electrons from 
anode to cathode takes place through a wire, not the salt bridge. The salt bridge is present in order to retain 
electrical neutrality in the cells. Since the second statement is not an explanation or reason for the first 


statement, you would not fill in the CE oval. 


13. T,T 


(Do not fill in CE.) Look at the statements one at a time. The first statement is true— electrolytic cells require 
the input of energy. These cells are used to separate ores, to electroplate, and as car batteries. The second 
statement is also true: whereas voltaic cells have two containers, one at the anode and one at the cathode, 
electrolytic cells have just one (although they still have an anode and a cathode). Since the second statement 


is not an explanation for the first, you would not fill in the CE oval. 


14. A 


The anode and cathode are not labeled in the diagram, so you must first remember that electrons travel from 
the anode to the cathode—according to the arrow showing electron movement in the diagram, this means 
that the chamber on the left must be the anode. This narrows the answer choices down to A or D since these 
are the only two ions in the anode half-cell. Now, since oxidation occurs at the anode, the metal will lose 


electrons, and you can determine that choice A shows the appropriate half-reaction. 


15. c 


The first step to solving a problem like this is to assign charges to each element and then decide exactly 
what’s happening before you look at the answer choices. On the reactants side, lithium and oxygen both are 
assigned charges of zero. In lithium oxide, Li has a +1 charge and O has a -2 charge. Li has been oxidized: it 
lost 2e and is the reducing agent. O has been reduced: it gained 2e and is the oxidizing agent. The only 


statement that matches is choice C. 


